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ABSTRACT
In Section 1 of this work, an investigation 
of the equilibria between monomeric periodate species 
has been carried out using relaxation techniques® Rate 
and equilibrium parameters of the system are reported.
In acid solutions, equilibria between orthoperiodic acid, 
its monoanion, and metaperiodate monoanion are significant, 
and evidence is offered to suggest that the hydration - 
dehydration processes involve pentaco-ordinated periodate 
species as steady-state intermediates. In alkaline solution 
it has been established that both hydrated and dehydrated 
forms contribute to periodate dianions, whereas the 
dehydrated mesoperiodate trianion predominates over the 
orthoperiodate trianion. It is proposed that the mechanisms 
of the hydration and dehydration processes are intimately 
associated with water of solvation®
In Section 2, several aspects of the oxidation 
of vicinal diols by periodate are discussed. Evidence is 
presented to show that formation of the monoester inter­
mediate of reaction is by nucleophilic attack of a hydr­
oxyl oxygen at iodine, and cyclisation is buffer catalysed.
It is proposed that the hydroxyl oxygen possessing the 
larger electron density due to diol substituent groups 
is responsible for the formation of the monoester. Inductive 
and stereochemical aspects of the reaction are discussed 
with data for several diols, particularly cis & trans 
isomers of the cyclohexane-l,2-diols and butane—2,3-diols.
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SECTION 1
EQUILIBRIA IN AQUEOUS 
PERIODATE SOLUTIONS
A Study using Pressure and 
Temperature Jump Relaxation 
Techniques.
1.1 INTRODUCTION
1.1.1 A Survey of the Physical Properties of 
Inorganic Oxygen Acids, particularly Periodic Acid, 
in Aqueous Solution.
The inorganic oxygen acids constitute an 
important class of compounds whose physical properties 
in many cases are only partially characterised. The 
general formula applicable to these acids is (HO)yMOx , 
where M is the central atom; y the number of hydroxyl 
groups and x the number of "unencumbered"oxygen atoms 
attached to M.
The acid strengths of the inorganic oxyacids 
have been the subject of considerable study. Table l(i) 
overleaf lists the first pK's of some acids of formula 
(HO)yMOx .
Clearly, these acids encompass a wide range 
of dissociation constants. There are three factors which 
could determine the acid strength, namely the numerical 
values of y and x, and the nature of the central atom, M 
itself. An analysis of the data presented in Table l(i) 
reveals the effect of these parameters.
The number of hydroxyl groups, y, attached 
to the central atom does not in itself appear to affect
Table l(i)
Values for some Inorganic Oxygen Acids
(HO)3Ga 
(H0)4Ge 
(HO)jAs 
(HO)4Si
= 1 HOC10 2.0 HOHO
(HO)5IO 3.3 (h o )3p o
(H0)2S0 1.8 (H0)2P0(H)
(H0)2Se0 2.6 HOPO(H)2
(H0)2Te0 2.7 (HO),AsO
= 2 (H0)2S02 -3.0 h o c i o 2
(HC)2So 02 -3.0 H0I02
K0K02 -1.6 (H0)2Cr02
= 0 H0C1 7.2
HOBr 8.7
HOI 10.0
(HO)gTe 8.8
10.3
8.6
9.2
9.7
3.4
2.1
1.8 
2.0
2.3
- 1.0
0.8
-0.8
= 3 HOClOj -8 HOMnO, -8
the dissociation constant directly, but simply limits 
the number of possible ionizations. Illustrative of 
this are the three phosphorus oxyacids, each with one 
"unencumbered” oxygen atom, but containing one, two, and 
three hydroxyl groups respectively. The first pKfs are 
remarkably similar. The hydrogen atoms shown in brackets 
are not associated with an oxygen atom, but are bonded 
directly to the phosphorus as confirmed by structural 
studies, and is not involved in the first ionization.
x, seems to be the principle determinant of the acid 
strength. For a given value of x, there is surprisingly 
little variation in the corresponding pK^ values as 
shown in Table l(ii) below.
Mean Values of pK-^ for Corresponding Numbers of 
Unencumbered Oxygen Atoms, x, for Inorganic Oxyacids.
The number of "unencumbered” oxygen atoms,
Table l(ii)
x 0 8.8 + 1.6
1 1.8 + 0.8
2 -1.9 + 1.1
- 8.0
The electronegativity of the central atom, 
M, does affect the pK of the oxygen acid, though to a
more limited extent than x. Examples of this are the 
hypo-halogenous acids, H0C1, HOBr, and HOI, whose acid 
strengths increase slightly with increasing electroneg­
ativity of the respective halogen.
2Pauling explained the influence of the 
value of x on the pK of an oxyacid by a resonance stab­
ilization of the anion. Sulphate monoanion HSO^” , which 
can be represented as a resonant structure of three 
contributing forms serves as an example.
0 o~
I.'." • : J
s - 0  > HO - S = 0
1 ii
0“  0
The distribution of the negative charge over
more than one oxygen atom gives rise to a stabilization
of the anion resulting in a high dissociation constant.
Semiquantitatively, Pauling indicated that each extra
"unencumbered" oxygen on the central atom increases the
c  c
acid strength by a factor of 10 - to. 10 ■. By a similar 
argument, each subsequent dissociation is weaker than 
the previous one by 10 to 10 .
One of the most complicated and least under­
stood of the inorganic oxygen acids is iodine(VII)oxyacid, 
hereafter refered to generally as periodic acid.
0
it
HO - S - 0“ <— — ► HO -
it
0
As early as 1903, Rothmund and Brucker ^
reported a value for the first dissociation constant
_2of periodic acid of 2.3 x 10 . This was confirmed by
later investigations, including that of G-iolitti ^ in
1905, who also found evidence for a second ionizable
r  ■■■ g
hydrogen, and Rae and Crouthamel et al , who attributed
the dissociations to the acid H^IOg.
Structural studies ^ of solid periodate 
salts suggest that iodine in its oxyacids could have 
co-ordination 4,5, or 6 from which three possible 
iodine(VII)oxyacids can be postulated. These are listed 
in Table l(iii) together with systematic and I.U.P.A.C.
O
approved trivial nomenclature , whereby the prefix 
ortho is used to denote a more hydrated form than that 
with the prefix meta.
Table l(iii)
Nomenclature and Formulae of the Iodine(VII)oxyacids.
Pormula Systemmatio Name Trivial Name
Hexaoxoiodic(VII)acid Orthoperiodic acid 
Pentaoxoiodic(VII)acid Mesoperiodic acid 
Tetraoxoiodic(VII)acid Metaperiodic acid
H5I06
H 3I05
HIO,
(Note: The prefix para has been employed in many 
publications for the acid H^IOg)
Attribution of the potentiometrically 
determined first dissociation constant to the ortho 
acid had not taken into account the possible presence 
of the meso and meta acids or their anions in aqueous 
solutions of periodic acid.
Q
In 1951, Crouthamel and his collegues  ^
carried out a more thorough investigation of periodate 
solutions over wide conditions of pH and temperature.
In the first paper , they established that the absorp­
tion maximum at 222.5 nm was due to univalent ions, 
q
Subsequently ■ , they reported that the optical density 
of periodate solutions of pH adjusted to eliminate all 
but univalent species varied with temperature. An upper 
limiting value was obtained at higher temperatures in 
the range studied (0° - 70°C). This effect was attributed 
to a hydration - dehydration equilibrium between para 
and metaperiodate monoanions. They argued further that 
the peak at 222.5 nm should be a characteristic of one 
species, namely the tetrahedral metaperiodate monoanion. 
Prom this assumption, the molar extinction coefficient 
of I04“ was determined from optical density measurements 
at higher temperatures; hence the concentration of this 
species in solutions at various temperatures could be 
estimated.
Calculation of the equilibrium constant for 
dehydration of periodate monoanions to a value of 40 at
25°C resulted in corrected values of the first and 
second dissociation constants of periodic acid at 25°C 
of 5.1 x 10”4 and 2.0 x 10~^ respectively. They
concluded that equilibria between the species H^IOg,
_ - 2-
H^IOg , 10^ , and H^IOg were sufficient to explain
their data for periodate solutions in the pH range 
0 to 7.
An examination of the solubility of tetra- 
phenylarsonium periodate under various conditions by
TO
Laurie, Williams and Nyman values of the dehydration
equilibrium constant of 43 + 17 and the first and second
dissociation constants (10 + 4) x 10“4 and ( 3 + 1 )  x 10”^
respectively. A better result for the dehydration
equilibrium constant was obtained using a nuclear magnetic
resonance band broadening technique by Kren, Dodgen and
ITNyman with a value of 29 .
All quantitative investigations have thus 
reported 10^"“ as the predominant monoanionic periodate 
species at 25°C.
Qualitative studies of peri-odates in 
aqueous solution, however, have provided a wealth of 
contradictory results and controversial conclusions.
I PSiebert demonstrated the predominance of 
I04~ over H4I0g“ from a Raman spectrum of an aqueous
solution of NalO^. Prom infrared spectrophotometric
13studies of the trihydrate, however, Keen and Symons  ^
proposed that 10^“ is not the major component of aqueous 
periodate monoanions, but that the hydrated species 
or possibly HglO^” are important.
Shams el Bin and his co-workers postulated 
another scheme for the periodate system as represented 
below. The predominant species are underlined.
i H5I06 F = i  h ?io7
11 1
i h 4i o6- h 6i o7-
11 11
i H3I062_ f = s  H5I072-
T i
i H2I063~ ?=> H4I073_
These workers drew their conclusions from polarographic 
studies of the aqueous periodate system.
In their study of ionization and hydration 
equilibria of periodic acid, Crouthamel, Hayes and 
Martin ^ reported that the optical density of solutions 
of periodate in the pH range 10.5 to 12 did not change 
appreciably with temperature.
HIO
T
10
H-zIO. 3 5
11
* h 2i o 5
11
HIO,
11
10,
2-
3-
Buist and his co-workers have carried out 
more detailed studies of the equilibria in alkaline 
solutions of periodates -**5,16^
The dimeric species l20g4” or ^2^2^10^*" ™ e x e  
first observed by Buist and Lewis in aqueous solutions 
at high pH This served in part to explain variations \
in the ultra-violet spectrum of alkaline periodate 
solutions, although they discovered that the spectra of .
the monomeric dianion and trianion were also temperature i
dependant. Their data ^  corrected for the presence of 
dimeric species, were considered insufficient for a 
quantitative treatment. One explanation in qualitative 
terms for their observations was a charge transfer 
process whose effect with increasing temperature should 
be band broadening and shifting of peaks to longer wave­
lengths. Such an effect was not considered likely in 
the system under consideration. A more plausible inter­
pretation of the spectroscopic data was a shift in
2-  2-equilibrium between H^IOg and HIO^ with temperature,
2—although it was pointed out that the presence of HIO^
in appreciable concentration would require that the
3—predominant trianionic species be 10^ -.due to the greater
acid strength of mesoperiodic acid with respect to ortho-
periodic acid. Buist and his colleges did not favour
this explanation either, since other spectroscopic
evidence does not indicate the importance of the meso-
3—periodate trianion 10^ .
Undoubtedly, interference by dimeric periodate 
species has been a major factor in the inconsistences of 
earlier studies of periodates at high pH. Table l(iv) 
lists the values of the equilibrium constant for dimer- 
isation as determined by Buist et al at several 
temperatures.
Table l(iv)
Values of the Equilibrium Constant for Dimerisation 
at Various Temperatures and Ionic Strength 0.1 Molar.
Temperature f°C 1 25 45 70
Dimerisation Constant 820 141 35 6
Kx2 dm5 .M-1
At lower temperatures, therefore, the influence 
of dimeric species is particularly marked.
References in the literature to kinetic 
investigations of the periodate hydration-dehydration 
equilibria are very scarce indeed.
17In 1964, Kustin and Liebermann studied 
the hydration-dehydration equilibrium for periodate 
monoanionic species in the pH range 3.4 to 5.0 by the 
temperature jump method. They observed no catalysis
due to hydrogen ions in the pH range studied. There 
was also no dependance of relaxation time on the total
Q
periodate concentration. Using Crouthamel1s value, 
of the dehydration equilibrium constant at the relevant 
temperature (K^ = 29 at 20°C), Kustin and Liebermann 
calculated rate constants for hydration and dehydration 
of (1.9 + 0.2) x 10^ sec“^ and (5.6 + 0.6) x 10^ sec”** 
respectively. The data presented were insufficient to 
elucidate a mechanism for the process.
-| o
Pecht and Luz attempted a study of the 
17periodate system by a '0 nuclear magnetic resonance
17technique. In aqueous solutions of periodate, the H 2  0
17line is broadened, and no signal due to the 0 of 
periodate is observed because of the rapid exchange of 
oxygen between water and periodate. The pseudo first- 
order rate constant of the reaction:
H-IOg + H2170 — — HglOg^O + H20
was reported to be 4.5 x 10^ sec-"*- at 25°C with an
—1 ‘activation energy of 13.5 Kcal. Mole . Ho catalysis
due to hydrogen or chloride ions was observed. An
3 ~1upper limiting value of 1.2 x lO*' sec was placed on 
the oxygen exchange rate of water with metaperiodate 
monoanion, but with the dimeric ion the
exchange was faster than 2.8 x 10^ sec-*^.
Again, little evidence could be drawn from
these results to explain the mechanism of the hydrations,
17 18although it was suggested by both groups of workers ’
that the dehydration process is assisted by hydrogen 
bonding to solvent water,
1.1.2 The Analysis of Fast Chemical Processes by 
Relaxation Techniques.
The field of chemical kinetics was consider­
ably extended by the development of rapid mixing
1 Q ?0
techniques in the 1920*s . * . The study of even faster
processes has been possible since the introduction of
Pi
relaxation techniques by Eigen in the 1950* s . Recent 
developments in instrumentation for the study of chemical 
relaxation has made measurements in the microsecond range 
commonplace, and enabled analysis of processes as fast as 
proton transfer, in the nanosecond order.
According to the expanded van t !Hoff expression 
a rapid displacement of a chemical equilibrium can be 
effected by a change in an external physical parameter 
upon which the equilibrium depends, such as temperature,T, 
pressure, P, or electric field strength,E
Thus AlnK 3 ln K A t + 3 ln K
- _ P , E . . . . ,3p .
+ 3 ln K A e
a E T ,P
A P
T,E...
Provided that the peturbation is fast enough, 
the relaxation of the system to the new equilibrium state 
can be observed through an internal physical property of 
the system such as optical absorbance or electrical 
conductivity.
Pigure 1(a) represents the response of a 
system to a rapid peturbation.
If the equilibrium concentrations of a 
component before and after the peturbation are c q  and cn 
respectively, and if the total change in concentration 
(c - cn ) caused by the peturbation is small compared to 
the total concentration, then the concentration at time 
t, c^. is given in the expression :-
where T , known as the relaxation time of the system
is the time taken for the concentration of a species to 
—1change to e of its original value cQ.
Thus the observed reaction curve for a single 
process is exponential (first-order) irrespective of the 
overall reaction order, provided that the peturbation is 
sufficiently small.
The theoretical basis of relaxation in 
chemical equilibria, and the derivation of relaxation
c )n'
The Response of a System to a Rapid Peturbation
v
u
CO
>S
x z
Cl
Oc
Cs>+->
X
LjlJ
timeV
A
c
O
oL_
c
<b>
u
c:
O
a
Figure 1(a)
expressions for model systems have been reviewed in 
detail 2^,23^ Table l(v) lists relaxation expressions 
for some simple systems.
Table l(v)
Relaxation Expressions for some Model Chemical Equilibria
System Relaxation Expression
ho _*]
A  B T  = kf + kb
kf -i
A + B ^ = = = ^ = ^ 1 C T  = kf(oA + cB ) + kb
k-ub
kf —1A + B C T  ^  = k^. cB + kb
V .
(B is buffered)
kf- —1
A + B . F = = = i  c + D r  = kf(cA + cB ) + kb(cQ
' kb '
— ----X A T  _ ( V 22A — -  * A^ T  = (k^ + 8k^kb(c^ + 2o
Iv.-]b
Rote - all concentrations shown in the relaxation 
expressions are equilibrium concentrations.
1 .1 .2.1
The Method of Temperature-Jump
Temperature-jump spectrophotometry is 
undoubtedly the most widely used of the relaxation 
techniques. There are many reviews on this suject to 
be found in the literature; on the method in general ^4,25
o f.
on exemplary studies using the temperature-jump method ,
P7 pp
and on instrumental engineering '* . Several excellent
instruments are now available commercially, and figure 1(b) 
shows a schematic representation of a typical double-beam 
temperature-jump spectrophotometer.
The optical arrangement of most temperature 
jump instruments is similar to normal spectrophotometers. 
The output signal is recorded on a storage oscilloscope, 
and the traces obtained are conveniently photographed 
onto polaroid or 35mm film.
For aqueous and other conducting solutions, 
the temperature-jump is achieved by Joule heating, 
whereby a capacitor, charged to a high voltage is dis­
charged through,the solution. The electric field applied 
to the solution by the discharge causes movement of the 
ions in the solution, and the friction of their movement 
gives rise to the increase in temperature.
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It is essential that the reaction monitor 
be very sensitive since the peturbation should be 
small (normally in the order of 4 to 8°C). The sophis­
ticated optics and electronics available today make 
absorption and fluorescence spectrophotometry the most 
widely encountered detection methods. Thus, since the 
optical and electronic components of an instrument inflict 
few limitations on the versatility of operation, the 
rapid heating device controls the specifications of a 
particular instrument.
An expression relating the heating effect 
to various internal and external parameters of the 
system under consideration can be derived as follows.
The current delivered by the discharge of the 
capacitor, i, is related to the initial potential across 
the capacitor, V , the discharge capacitance, C, and the 
resistance of the solution, R, by the expression :
i =
R
The rate of the temperature rise in the 
solution is then :
where c^, d, and V are the specific heat, density, and 
effective heated volume of the solution/.
Substitution of i from the first expression 
into the rate expression, and integration from time 
0  to t gives :
ATt = C.VQ2 (1 - e~2t/'EC)
8 . 3 6  Op.a.V
A 0 . ^ ( 1  - e_2t/RC)
It is clear from the relationship thus 
derived, that the heating effect is not instantaneous, 
but proceeds exponentially, with a time constant of EC/2. 
There are several parametersof the system which can 
therefore be adjusted to alter the heating time. Table l(vi) 
lists some typical values of these parameters.
Table 1(vi)
Typical Values of Internal and External Physical Parameters 
for a Joule-Heating Instrument.
Parameter Value Parameter Value
V 0  (kV) 1 0  - 1 0 0 0  (F) H 0
 ! CO 1 H O -
1*
R (ohms) 2 0  - 2 0 0 ' V (dm^)
CM10rH11OH
RC/2 (Sec) 1 0 ~ 6  - 1 0 - 5 (°o )
0
01
1.1.2.2
The Method of Pressure-Jump
Although no Pressure-jump instrument is as 
yet available commercially, a considerable amount of 
useful information has been obtained from prototype 
apparatus. The first pressure-jump instruments were
29constructed in the late 1950’s by Ljunggren and Lamm 
and Strehlow and Becker Pigure 1(c) is a schematic
representation of the apparatus designed by the latter 
group of workers.
The most successful monitor of concentration 
changes in pressure-jump instruments has been conductance. 
The sample and reference cells, contained within the 
autoclave, are of stainless steel construction, glass 
lined, and with platinum electrodes. Flexible polythene 
diaphragms are used to seal the cells. The reference 
solution is adjusted to have a comparable electrical 
conductivity to the sample solution, but has no relaxation 
properties in the time range of the sample solution.
The cells form two components of a Wheat­
stone bridge, containing also a potentiometer balance.
The oscillator supplies a very stable voltage of low 
peak to peak amplitude (typically of the order of 5 volts) 
to avoid Joule heating effects. Small differences in the 
capacitances of the two cells can be compensated by means 
of the two fine balance capacitors.
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The autoclave is. designed to give pressure 
changes of the order of 150 atmospheres within a few 
microseconds. A piezoelectric barium titanate capacitor 
within the autoclave is used to trigger the recording 
devices, and a thermistor probe connected to a bridge 
permits accurate measurements of the temperature in the 
autoclave.
The relaxation caused by the pressure 
peturbation is accompanied by a conductivity change, the 
output being recorded on a storage oscilloscope. To 
assist the evaluation of relaxation times, many instruments 
have been fitted with analog to digital interfaces with 
a small computer, providing automatic data processing.
Pressure-jump methods have been reviewed by
"51 ^2Strehlow and Knoche  ^ .
Under isothermal conditions, the pressure- 
Jurap effect is described by the simple relationship:
A i n  K = - A j
A P  t  R.T
In practice, however, the peturbation is 
very fast, and therefore adiabatic, and a term must be 
introduced to take account of the small temperature- 
jump due to the adiabatic pressure change :
Thus Ain K 
AP
-  Al + a A h 
EL, S! cp .d.R.T
where a is the coefficient of thermal expansion, 
c is the specific heat, and
Jr '
d is the density of the solution.
Electrical conductivity is employed in 
preference to optical absorption as the concentration 
monitor to avoid the necessity of corrections arising 
out of the dependance of the absorbance of the solution 
on temperature, for which the temperature coefficient 
of the extinction coefficients must be known.
1.1.3 The Application of Relaxation Techniques to 
the Study of Hydration - Hydrolysis Equilibria.
(The Derivation of Relaxation Expressions 
pertinent to such Systems).
Relaxation methods have been successfully 
employed in studies of a wide range of chemical reactions 
including some hydration and hydrolysis, equilibria
The derivation of general relaxation expression s 
governing the hydration-dehydration equilibria in solutions 
of oxyacids and their anions establishes the limitations 
of analysis of these systems using relaxation methodd.
The simplest example relevant to the systems 
of interest here is an equilibrium between a species and 
its dehydrate, both hydrated and dehydrated forms having 
similar electronic charge. Consider then an oxyacid 
represented by the formula HAjj in equilibrium with its 
dehydrate HA^, n molecules of water being liberated in 
the dehydration process. V
HAjj \ .tv HA.£ + nH^O
■
where and kg are the rate constants of dehydration 
and hydration respectively.
The rate expression for this equilibrium 
may be written :
- d..[PH1 - [HAg] - kjj [HA-p] [H20] n
dt
A small peturbation of the system, that is a displacement 
of the equilibrium gives rise to small changes in the 
concentrations of the species present, AHA^ , AHA^ and 
A h 20 • The rate expression above may then be amended 
for the peturbation to :
-  a a Ih ^ j]
d t
k^AtHAjj] -  k jjC A tH A -p ] [HgO] n
+ A I h 2o] [HA j,] )
To satisfy the lav/ of mass action
Allhy + AIha ]^ + A[h2o] = 0
If the solvent employed is water, then the change in 
water concentration due to dehydration, AlH 2 0 ] approx­
imates to zero, and the water concentration in the 
relaxation expression may be taken as unity.
AlHAjj] = - AtHAjj]
Substituting for A[HA^] in the rate expression:
-  a_A[HAH] = kg AlHAg] + kg AfHAjj]
dt
The reciprocal relaxation time of a chemical equilibrium, 
7"“^, is defined as :
\ . "
-  a  A l i i - ^ ,1 .  l
M  A(iiak]
Por the system under consideration, therefore, the 
relaxation expression is written :
^  = ' . ;kD +
In such a system, it is clear that there is 
no concentration dependance of the reciprocal relaxation
time, and the rate constants for hydration and dehydration 
cannot he resolved individually hy relaxation measure­
ments unless the equilibrium constant for the process is 
known.
commonly encountered in conjunction with an acid 
dissociation. If the dehydrated form of the oxyacid
equilibrium between a strong acid and its anion should be 
rapidly established, the proton transfer rates being in 
the diffusion control limit, so that neither dissociation 
nor association is a rate limiting step in the overall 
coupled process.
Now, according to the law of mass action :
AIhAjj] + AIha-,] + A[h2o] + 'A[h+] + AlAjj"]
Equilibria of the type discussed above are
HA^ dissociates into its anion A^ , the coupled system is
HA-p + nH^O v
Ka
+ nH 2 0
where is the acid dissociation constant of HA.
0
Again, AfH^O] approximates to zero.
Provided that the concentrations of the acid 
and anionic species are very much smaller than the total 
hydrogen ion concentration of the solution, A[H+] caused 
by a shift in the coupled equilibrium will be negligible. 
This is effective buffering by hydrogen ions. The mass 
action expression now simplifies to :
AtHAjj] + A [h a d] +  A[Ad ' ]  = 0
The acid dissociation constant can be expressed as :
Ka = A[An ][H+] + A[H+] [Ajj ]
A[h a d] A[h ad]
for a small displacement of the equilibrium.
The second term containing A[H+] again will approximate 
to zero, so that :
Ka = AUj, ][h +]
A[ h a d]
Substituting for A[A-p ] in the mass action expression
A[HAjj] + A[HAd] (1 + Ka/[H+]) = 0
Rearranging :
A[HAd] = -A[ hah ][b +]/([h +] + Ka)
Now, substituting for A[HA^] in the rate expression
- dA[HAH] = + ^ [ H A g ]  [H+]
dt A[H+] + Ka
from which the relaxation expression for the coupled 
equilibria can be written :
r '1 = + kH [H+]
[H+] + Ka
If relaxation measurements are carried out 
in a suitable pH range so that IC »  [H+] , then a 
linear plot of reciprocal relaxation times against the 
respective hydrogen ion concentrations should be obtained, 
the intercept being and the slope kjj/KQ . If the acid 
dissociation constant K is known from other sources, then 
the hydration and dehydration rate constants can be 
resolved by relaxation measurements.
The systems of oxyacids and anions with 
hydrated and dehydrated forms lend themselves in principle 
to analysis by relaxation nethods, gince the equilibria 
in such systems should be based on those discussed above.
Clearly, the derivation of relaxation 
expressions can be extended to more complex systems 
containing more than two coupled equilibria.
1*1«4 Aims of the Present Work
In spite of the apparently rapid nature of 
the periodate hydration-dehydration reactions, it is 
surprising that so little kinetic data is available on 
this system, particularly in view of recent developments 
in fast reaction techniques#
It was hoped that, employing relaxation 
methods for the periodate-water system over a wide range 
of pH, and at several temperatures, that rate data, and 
related thermodynamic parameters, could offer more 
evidence for the constitution of aqueous periodate 
solutions, and the mechanism of the hydration-dehydration 
processes#
1.2 RESULTS A M  DISCUSSION
1.2.1 An Assessment of Previous Work Pertaining 
to Periodate Species in Aqueous Solution.
Evidence from structural studies of periodates 
indicating that iodine can have co-ordination number 4, 5 
or 6 leads directly to the complete equilibrium scheme 
shown in Figure 1(d), consisting of nine monomeric species
2According to Pauling*s method of estimating 
the pK of an inorganic oxyacid, the three periodic acids 
should differ in their first dissociation by about 5 pK 
units as shown in Table l(i).
Such a prediction, even with its limited 
accuracy, points immediately to errors in some of the 
studies mentioned in the introduction to this section®
The polarographic data presented by Shams el 
Pin ^  for example is totally incompatible with the 
predicted pK values. His suggestion that HIO^ is the 
predominant species in acid solution, where this acid 
should have a first pK of not less than -6 , is definitely 
erroneous. On the other hand, the metaperiodate mono­
anion should be an important component of acid
solutions, and this again is contrary to the conclusion of 
the polarographic work® In view of this, the results 
of Shams el Pin*s work will not be considered further.
All spectroscopic measurements apart from
 ~~1^ 5
those of Keen and Symons ^ indicate that orthoperiodic
acid H^IOg and the metaperiodate monoanion IO^*” are the
predominant species in acid solutions. These conclusions
are not inconsistent with the predicted acid strengths.
It also appears from quantitative investigations that the
orthoperiodate monoanion H^I0 g~ becomes significant in
9 1 1solutions at lower temperatures 9 •
It is apparent that at temperatures around 
25°C in solutions containing monoanionic species pre­
dominantly, that the hydration-dehydration equilibrium is 
weighted heavily in favour of the dehydrated anion I0 ^~.
In order to quantify the dehydration equilibrium constant 
accurately, therefore, it would be desirable to determine 
the equilibrium concentration of the minor component with 
respect to the total concentration of both species®
Unfortunately, both Crouthamel* s method ^ and that of
11 —  Kren, Dodgen, and Hyman involve the estimation of 1 0 ^
in the solution, probably resulting in large errors in 
the equilibrium constant. Crouthamel*s assumption that 
the absorption maximum at 2 2 2 . 5  nm was due to one species 
only, namely 1 0 "^", would exaggerate the importance of this 
species, leading to an over-estimation of the dehydration 
equilibrium constant. Although the work of Hyman and 
his collegues involves a similar assumption, a lower 
equilibrium constant was reported, so that the assumption 
applicable to H.M.R. measurements may be more Justified.
In calculations requiring ennumer ation of this equilibriurn 
constant, therefore, Hyman’s value is used in this work 
in preference to Crouthamel* s value®
The nature of the components of alkaline 
solutions of periodates is less well resolved than in 
acid solutions® Crouthamel detected no change in 
absorbance with temperature in periodate solutions in the 
pH range 10.5 to 12® It was thereby proposed that the
orthoperiodate dianion and trianion are the important 
species in alkaline solutions.
Undoubtedly, many studies of periodates at
higher pH can be faulted in terms of ignorance of dimer-
isation in such solutions, The work of Buist and his
collegues ,16 mug^ then be considered as particularly
significant in view of corrections for dimerisation.
THeir observations of the temperature dependances of the
spectra of periodate dianion and trianion did not provide
sufficient data for a quantitative treatment, but led to
two possible interpretations; a charge transfer process,
or dehydration equilibria. The first theory was discounted
as being extremely unlikely in such systems, and the
second was not favoured either, since the presence of 
2 —HIO^ in appreciable concentration would require that the
dehydrated trianion 1 0  ^ be the predominant trianionic
species due to the greater acid strength of the me so- over
the orthoperiodic acido This situation would conflict
with infra-red and Raman spectroscopic data. On the
other hand, there is some evidence to suppport the pre-
‘3—
dominance of 10^ at very high pH. In general, Buist 
et al found that diol-periodate cyclic diesters were 
strnger acids than periodic acid in their first and second 
ionizations, but the strengths of the third ionizations 
were reversed. The cyclic diester dianion and trianion 
can only exist in the hydrated ortho form, whereas the 
periodate could dehydrate to the stronger meso species,
which would explain the apparent anomoly in the third 
ionization constants.
1.2.2 Investigation of the Concentration Dependance 
of the Periodate Hydration-Dehydration Relaxation.
According to the relaxation expressions 
derived in section 1 0 1 0 3 , there should be no dependance 
of the relaxation times on the total periodate concentratin.
17Kustin and Liebermann ' confirmed this for 
their system at pH 4.2 for a range of total periodate
concentration of ( 1  to 8 ). x 1 0 ~^ M.dm~^ at 2 0 °C and
— 1  —^an ionic strength of 10 M.dm
Table l(vii) lists the results of the present 
work at three well distibuted values of pH, for a range 
of periodate concentration of (0 . 5  to 2 .5 ) x 1 0 ~^ M.dm~^ 
at 25°C and an ionic strength of 10" 1  M.dmT^.
The most significant results are those in the 
alkaline region, where effects of dimerisation could give 
rise to a concentration dependance0 To.within exper­
imental error, however, no such dependance was observed. 
Dimeric species therefore can be neglected from consid­
eration under these conditions.
Table l(vii)
Reciprocal Relaxation Times for Periodate Hydration - 
Dehydration at Various Periodate Concentrations and
Total Periodate Reciprocal Relaxation pH
v * X
Concentration M.dm"*^  Times T  sec~
5 x 1 0 - 5  21800 +.1 .8 # 1 . 3
1 0  x 1 0 ~ 5  21800 + 3 .1 # "
15 x 1 0 - 5  2 1 1 0 0  + 2.1# "
2 0  x 1 0 ~ 5 2 2 3 0 0  + 1.5# "
25 x 1 0 ~ 5 2 2 2 0 0  +4.1# "
5 x 1 0 ~ 5 8240 + 7.1# 5.75
1 0  x 1 0 “ 5 8260 + 9.9# "
1 5  x 1 0 - 5  8 2 0 0 +  2 .2 # "
2 0  x 1 0 - 5  8 3 1 0  + 4 .3 # "
25 x 1 0 - 5  8280 + 2 .6 # »
5 x 10-5 3 5 2 0  ^  1 0 > 0
10 x lO- 5  3550 + 2.8# "
1 5  x 1 0 - 5  3 8 6 0 + 7 . 1 #  "
20 x 10“5 3440 + 9.8# "
25 x 1 0 “5 3 5 X0  + 9 . 9 #  »
For all subsequent relaxation measurements, 
—4 —3a concentration of 1 0  M.dm with respect to total 
periodate was employed, being well within the range 
investigated here, and giving a suitable absorbance 
(around 1  absorbance unit) at the wavelengths required.
1.2.3 Reciprocal Relaxation Times Measured at 25°0 
for the Periodate Hydration-Dehydration Reactions over a 
Wide Range of pH.
With a total periodate concentration of 10~^ 
M.dm“^ , and an ionic strength of 10”"1* M.dm“^, relaxation 
times were determined at 25°C over the pH range 1 to 13 
in unbuffered solutions. The resultant pH profile of 
reciprocal relaxation times is shown in Pigure 1 (d).
As predicted by the coupled equilibria 
discussed in section 1 .1 .3 , there is a considerable 
variation of the relaxation time with hydrogen ion 
concentration.
The potentiome trie ally determined 11 apparent” 
ionization constants of periodic acid .are indicated on 
the profile. Between the three pKfs, two plateaus are 
observed on the profile, and the significance of these 
will be discussed later.
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A complete analysis of the results, together 
with some data at other temperatures is carried out in 
the subsequent subsections of this discussion#
She Kinetics and thermodynamics of the Periodate 
Monoanion Hydration-lehydration Equilibrium#
The plateau on the pH profile in the range
3 o5 to 6 . 0  corresponds to solutions in which monoanionic
species are overwhelmingly predominant. Ihis region is
17identical with that studied by Kustin and liebermann .
fhe equilibrium under consideration is :
"19
h 4 I 0 6  - I0 4~ + 2  H 2 °
It is clear from previous discussions that 
the reciprocal relaxation time will be the sum of the 
dehydration and hydration rate constants k^ and kg • 
respectively. In order to resolve these rate constants, 
therefore, it is necessary to use a value of the 
dehydration equilibrium constant
Thus : I = k^ + kg
and :
Prom these expressions, kg and kg can be resolved
r-1 k19/(i + icig)
and kg = T  1 A 1 + Kig)
Relaxation measurements were carried out in
the temperature range 5 to 250Co The results are listed
in Table l(viii) together with values calculated for k^
and kg. Nymans values of the dehydration equilibrium 
11constant were employed in preference to Crouthamel*
both for the reasons discussed previously, and because 
the former reports values at several temperatures, while 
Crouthamel gave a value only at 25°C, together with a 
small plot to demonstrate the general temperature depen­
dance of the dehydration equilibrium constant.
The reciprocal relaxation times obtained in
the present work are of the same order of magnitude as
17the results of Kustin and Iiiebermann 1 and Pecht and
*1 o
Luz as tabulated below0
Reciprocal relaxation times at 20°C:
Present work 6313 sec"’**'
— 1Kustin and Liebermann 5800 sec \
Reciprocal relaxation times at 25°0:
Present work 8263 sec~^
Pecht and Luz 4500 sec”"'1*
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Arrhenius plots for the rate constants k^ 
and kg were drawn from the results listed in fable l(viii)o 
These plots are shown in Figure 1(f). A most interesting 
result, namely an apparent negative energy of activation 
for the hydration prooess, was obtained. This permits 
a further analysis of the mechanism of the process.
dehydration and hydration reactions. The first is a 
one step mechanism with the concerted hydrolysis of two 
associated water molecules. The second possibility, which 
is mechanistically more likely is a two step process 
via the pentaco-ordinated mesoperiodate monoanion 
as shown below.
Since consecutive kinetics were not observed, it is 
reasonable to assign the pentaco-ordinated species as 
a stationary state intermediateo In terms of the rate 
constants in the two step process, the overall hydration 
and dehydration rate constants may be expressed as :
There are two possible pathways for the
k59
i h 2io " + h 2o
k,
I 0 . ~ :  + 2H20
95
1&D - ki5k59/(k5i + k5g)
and
%  = k 5 ik95/ ( k 5 1  + k5g)
vO i n
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Two extreme cases for the relative values of 
k ^  and k ^  may then be considered :
(a) where k,., ^>> kn^.
pi py
Under these conditions, kg approximates to and
kg to A negative activation energy for the hydration
process is therefore impossible from straightforward 
kinetic considerations.
(b) where k<_1 « k ^ .
In this case, kg approximates to k ^  and kg to k ^ / K ^ o  
If the enthalpy change for the second step of the de­
hydration is negative, then an apparent negative activation 
energy for kg values would be obtained. The data derived 
experimentally are therefore only compatible with a 
situation close to the limiting case (b) 0
Unfortunately, since no values of the 
equilibrium constants and are available, only 
the rate constant k-^ which is identical to kg could be 
evaluated with any degree of certainty. At the conclusion 
of this discussion section, an attempt is made to place 
some limits on the other rate constants involved in the 
process.
Kren, Dodgen and Uyman reported an enthalpy 
change for the hydration - dehydration equilibrium,
AH-^g of 62 kJ.M 1 0 Prom this, the free energy change 
associated with the process AG-^g could be calculated..
AG-J^ g = - R.T.ln K 1 9
= -8.3 kJ.M""1  at 25°C
Also ^ ^ 1 9  = ^^19“’ T# ^ ^ 1 9
from which A S 1 9  = i & V  J . M " 1 .°K“ 1  at 25°C
Prom the Arrhenius plot for values of k^ 
(k-^^), activation parameters could be calculated., The 
results for 25°C are listed below0
A H 1 5  = 3 9  kJ ,M
X I n i
Asl5 = -40 J.M o k
s - 1
A G i 5  = 51 kJ.M
Pigure 1(g) shows free energy and entropy 
diagrams for the system using the data available.
The entropy of activation AS-j^ provided an 
unexpected result, since decomposition of one molecule to 
to two molecules is accompanied by a positive entropy
Figure 1(g)
Entropy and Free-Energy Diagrams for the Periodate 
Monoanion Hydration-Dehydration Equilibrium0
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(Diagrams not to scale) 0
change, This is indicative of a considerable change in 
the solvent orientation, so that an overall ordering of 
the system occurs0 The entropy change for ice to water 
is 2 2  which should be roughly equivalent to
the entropy component of dehydration of to ^ 1 0 ^ .
The actual entropy change due to solvent reorientation 
would then be 1 J.M .°K . In the overall dehydration
process, the release of two water molecules to the solvent 
should involve an entropy change of 44 The
solvation of is therefore less ordered than that of
ELIOg"*, the overall entropy change due to solvation 
being around J.M . n
An appreciation of the two step process can 
be achieved by consideration of the solvation of the 
orthoperiodate monoanion, whose geometry is octahedral.
The distance between oxygen atoms in the ion is approx—
o
imately 2.5 A, which provides sufficient space for two 
water moleculeso Dehydration to the pentaco-ordinated 
monoanion could then proceed by a proton transfer mechanism
as shown on the next page.
A similar process to that shown would occur 
for further dehydration of the pentaco-ordinated mono­
anion to the metaperiodate monoanion.
1 0 2#4 A Complete Analysis of the Relaxation Data 
Obtained from Acid Solutions of Periodate.
Table l(ix) lists the data obtained from acid 
solutions of periodate at three temperatures, 5°, 15° and 
25°C. The results tabulated in the previous subsection 
from experiments at pH 5o75 will also be incorporated in 
this quantitative treatment.
Por a complete consideration of periodate 
equilibria in acid solutions, the equilibria between 
monoanionic species must be extended to equilibria with 
the ortho and mesoperiodic acids . The metaperiodic acid 
can then be omitted from consideration due to its very- 
high ionization constant.
Table l(ix)
Temperature-Jump Relaxation lata for Periodate in Acid
Solutions.
—4- —^Total Periodate Concentration = 10 M.dm ^
Ionic Strength = 10”^ M.dm""^
Hyfo.qgen AQ31 Reciprocal Relaxation Temperature 
Concentration Times T~X sec" 1  T °C
H+ Mo dm- 3
0.09 24100 + 4 .2 / 5
0.07 18600 + 3 .1 /» «
0.05 14900 + 3 .2 / "
0.03 1 0 1 0 0  + 0.9/ "
0 o0 1  4800 + 2 .0 / 11
0 . 1 0  2 8 9 0 0  + 2.3/ 15
0.08 24900 + 3 . 6 /  "
0.06 2 0 0 0 0  + 2 .6 / "
0.04 1 5 1 0 0  + 8.3/ "
0.02 9 8 0 0  + 4.1/ "
Table l(ix) continued
—4- —^Total Periodate Concentration = 10 M.dm '
Ionic Strength = 10“^
J - .° R  Reciprocal Relaxation Temperature
Concentration m„.___- > - - 1 - 1  m--------------  Times r  sec________________T_G
H+ M.dm- 5
0 . 1 0  3 4 1 0 0  + 3.3/ 25
0.09 3 0 9 0 0  + 1 .6 / "
0.08 29400 + 8.7/ "
0.07 2 6 4 0 0  + 3.7/ "
0.06 2 3 3 0 0  + 1.4/ "
0.05 21800 + 3.1/ "
0.04 1 8 9 0 0  + 4.0/ "
0.03 1 5 4 0 0  + 6 .1 / "
0 . 0 2  14000 + 8 .7 / "
0 . 0 1  11600 + 9 .6 / "
(0.0015 9148 + 6 .6 /) »
(0 . 0 0 1 0  9 2 1 7  + 9 .6 /) "
The equilibrium scheme to be considered is thus
(0 ) (4)
H5I06 ± h,io5 + h 2o
V V  + H + "
(1 )
* H 2 I05 + H + + H 20 ^
(5)
i I04" + H + + 2H20 
(9)
The periodate species are numbered as in the complete 
equilibrium scheme in Figure 1(d). Subscripts to rate 
and equilibrium constants in the following derivation 
refer to these species. For the sake of brevity, the 
concentrations of the periodate species in the various 
expressions will be denoted by the respective label 
number in square brackets. Thus, for example, the 
concentration of is represented by [5 ] •
Since only one relaxation was observed for every solution 
studied, it is assumed that the pentaco-ordinated species, 
4 and 5  are present in the stationary state. The following 
approximations may then be applied :
I... a [41 = k0 4 [0 ] + k 5 4 [H+][5] - (k4 0 + k 4 5 )[4]
dt
= zero by the stationary state approximation.
II a [5] = k4 5 [4 ] + k1 5 [l] + kg5 [9]
dt
- (k5 4 [H+] + k51 + k59)[5]
= zero by the stationary state approximation,
Rearranging expression II
III.... [5] = k4 5 [4 ] + k 1 5 [l] + k 9 5 [9]
k ^ 4  [H ] + **" k59
Substituting expression III into I
k0 4 [°] + k5 4 H + k 45l43 + k54LH*l(k1 5 L ^ + k9 ^ 93 ]
k54LH+-l + k51 + k59 k54LH J 51 + k59
” k^40 + k45^L^3 = 0
Rearranging : —
[4] = ko4  [°1 + k5 4 [H+] (k1 5  [1] + k 9 5  [9])
___________ k54^H ^ + k51 + k59______
k40 + k45 ~ k54 k^45
k54 ] + k^^ + k ^ 9
Multiplying through the right hand side by 
(k5 4 [H+ ] + k 5 1  + k^9 )/k94, and substituting for
k^c/kr-,45' 54
[4 ] - | ]£q4 [0 ][H ] + R'q4  [0 ]k^^/k^ 4  + kQ 4  [0 ]k^9 /k^ 4
+ k 1 5 [3][H+] + k g 5  [9] [H+ ] }
The derivation of a rate expression encompassing both 
hydrated species 0 and 1, d[IIyd]/dt is as follows :-
a[Ol - k4 0 [4] + k 1 Q [l] - (k0 4  + k01) [0 ]
dt
and a [1 ] 'k0 1 [0 ] + k 5 1 l5] -■ (k1 5  + 1^ 0 ) [1 ]
dt
How, assuming that the pentaco-ordinated acid H^IO^ is 
in rapid equilibrium with its monoanion the term
[5 ]can be substituted by [4 ]/[H+ ]
. a[l] = k01[0] + k51K45[4]/[H+] - (k15 + k^) [1]
dt •
Adding this expression to equation Y
Yloo... d[Hyd] = -a[0] + d[l]
dt' dt - dt
= [4](k4 0  + k 5 1 K 4 5 /[H+ ]) + t l ] ( > f ^ - k 1 5  - > f $ >
+ - ■ko4
Substituting expression IV for £4J  into expression VI
a[Hya1 = { k40kQ4 [o] [h +] + k40k04[o]k51A 54 + k40k04[o]k59A 54
dt
+ k40k15 ^  ] + k4 Qkg^[9 ][H ] + k^-jK^k^ [ 0 ]
+ k5 i 2K 4 5 k 0 4 [°]/(k5 4 [H+]) + k5 1 K 4 5 k 0 4 [0 ]k5 9 /(k5 4 [H+ ])
+ k51K45k15[1l + k51k45k95^ ^ j
+  |k4o^H + l + k4C)k51//k54 + k40k59//k54 + K 45k51 
+ K 4 ^k^ 9 |
-  k1 5 [i] -  kQ4 [o]
Rearranging over a common denominator
d[Hya] = ( k4 al ^ f Q « J 4 ^ I >  +
dt L ' """ ‘
+ k40k95l9] [H+] +
+ k^jL4 ^kQ4 [o]/(k^4 [H ]) + k^^K4 9 k^4 [o]k9 9 /(k^4[H ])
+ }-5dr^45^r?i^-+ k51k45k95^9  ^ ~
- [ l ^ Q k ^ / k ^  - k1 ^[l]k4 Qk^9 /k^ 4
“ k494-^k4 0 ^ ^ “ ka 4 - ^ ^ 4 ^ 5 1 ^ k-34-- 
. “ -:-G4'^°^45k9-l- " k04 ^ °^K 45k59 j 
*  | k40^H k40k5l/k54 + k40k59//k54 + K45k51
+ K45k59 1
a [Hyd] 
dt
- ^[0] (ko4k59K 45 “ k5ik04K45//^ k54^H ^  “ k51k59k04K45/^ k!
- [1 H ki5k4ok5l//k54 + ki5k40k59//k54 + k15k59K45^
+ [9]C^4Qk95[H 1 + k5ik95K45 J
^  ^ k4o^H  ^ + k^4c/k5 4 ^ k51 + k59^ + k 45^k51 + k59
Consider first the terms of [o]
k04k59K45 " k51k04K 45^k51 + k 5 9 ^/k 5 4 tH + ]
It is known from the work in the previous discussion that 
k ,_9 »kj-^, so that the terms above reduce to : —
k04k59K 45 ^ 1  ” k5i/k5 4 D
It is important, therefore to know whether the term 
containing k ^  is negligible. This problem can be solved 
by considering the terms of [l]
Since k ^  '> >^ k 5 i> ^ e terms in [l] can be
neglected, leaving
It is reasonable to assume that k^Q/k^ «  ^ 4 5 * -^ s ^ a x
as the terms in [0 ] are concerned, it follows that when
—3the hydrogen ion concentration is greater than about 1 0
then k5 1 A 5 4  [H+] is negligible, while at lower hydrogen
ion concentration, the terms in [0 ] are unimportant
compared with the terms in in This is equivalent to
stating that at pH greater than about 3, only one route
for the dehydration is important, and the results of this
17and earlier work confirm this.
The denominator in the rate expression can be simplified 
by comparing k^Q/k^. with K 4 5 , and by the argument 
presented above, we can reasonably neglect the former 
term.
If all therms containing k ^  are negligible, as seems 
likely, then the overall rate expression can be simplified 
to : —
VII.... d[Hyd]
"dt
9^45 ^1 5 ^ 5  9 ^ 4 5  + t ^ Kk^kgp. [H ]+ ^5i^'95^45 ^
r+
■^■4 0 ^   ^*** ^ 4 5 ^ 5 1 *^ ^ 5 9 ^
.dm
How d[Hyd] = ~k^[Hyd] + k^ [Dehyd] 
dt
where [Hyd] and [hehyd] are the sums of the concentrations
of all the hydrated, and all the dehydrated periodate 
species respectively*
Also [0] = [Hyd]/(I + K q1 /[H+])
and [1] = [Hyd] /(l + [H+] A 0 i)
Hence the first two terms in the numerator of equation
VII are
- [Hyd] (k0 4 k 5 9 K45/ U  + K 0 1 /[H+ ]) + k1 5 k 5 9 K45/(l + [H+] A 01))
and it follows that
^f = ^04k59K 4-5^*1* + K 0 l/tH + ^ 1 5 ^ 5 9 ^ 4 5 / ( 1  + ^ *^/^ 0 1 ^
^ ■ 4 0  ^  + ^ 4 5 ^ 5 1  + k-5 9 )
k^ = k 5 1 kg5K 4 5  + k4 0 kg5 [H+ ]
k4 0 ^ 4  + k45^k51 + k5<p
The reciprocal relaxation time,
T ”1 = kf + kb
Consider the situation where the hydrogen ion concentration 
is considerably greater than KQ1; this corresponds to the 
experimental conditions of the present work0
T - k04k59k45 + k15k59k45kOl/^   ^+ k51k95k45 + k40k95 ^  ^
k4 0 tH + l + K45(k5X + k59>
Figure 1(h) is a plot of the reciprocal
relaxation times against hydrogen ion concentration for 
the three temperatures employed. These plots are linear, 
which leads to a further simplification of the relaxation 
expression above, since, for linearity, the terms :
has been neglected with respect to k^g in this 
expression.
The intercept of the plot in each case is identical to 
the reciprocal relaxation time at pH 5.75, within exper­
imental error. This relaxation time has already been 
related to the fundamental rate and equilibrium constants
r^c-qK , RK ni/[H ]15 59 45 01
and
must be considered negligible. The amended relaxation
expression then becomes :
^  “ ^04 + ^ 5 1 ^ 5 9  + ^40 ^  1/^ 4 5 ^ 5 9
by :
r k15 + k5lA59
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This leads to the result that kQ^ = k-^ at all three 
temperatures.
Now kQ^/m = K45K 59ko4/k40 = K 45K 59K 04
= K 09
where m is the slope of the plot.
The apparent first ionization constant of periodic acid
^ 1  = K 0 1  + K09 
Thus from the plot, intercept (c)/slope (m)
Table l(x) relates values of kQ4 » ^1 5 * and
m, the slope of the plot, comparing values of the intercept
to slope ratio with - K Q 1  interpolated at the relevant
54temperature from other sources at the required ionic 
strength of 10~^ M.dm”^.
With increasing hydrogen ion concentration, 
the pathway from to IO4 " becomes increasingly
important, and, since the mesoperiodic acid and its mono­
anion are in rapid equilibrium, these species may be 
considered together as a stationary state intermediate, 
as shown in the following scheme.
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This general scheme encompasses the possib­
ility of ’’diagonal1' processes, that is simultaneous 
dehydration and ionization, and corresponding hydration 
and association.
relaxation times on hydrogen ion concentration, only 
partial evaluation of the rate processes has been 
possible, and assignment of limiting values to the other 
parameters will be attempted later in this discussion.
1.2.5 The Quantitative Treatment of Relaxation Data 
Obtained from Periodate Solutions in the pH range 9 to 13o
In alkaline solutions of periodate, both 
dianionic and trianionic species must be considered as 
represented in the equilibria below.
Even with the investigation of dependance of
In order to derive an overall relaxation 
expression for the system, it is necessary to make the 
following assumptions :
(i) The hydrated species (2) and (3), and 
similarly the dehydrated species (6 ) and (7 ) are always 
in equilibrium0 This statements in effect assigns the 
acid dissociation and association rate constants to the 
diffussion controlled limit, so that thses processes are 
not rate determining in the overall relaxation process.
(ii) The hydroxide ion concentration remains 
constant through the peturbation; This is equivalent to 
hydroxide ion buffering, where a A[OH~] term in the 
relaxation expression is zero.
The equilibrium relevant to the relaxation 
process may be written :
Per^ v-;- ■ v ■Peri)
y
This scheme applies to all solutions in the 
pH range 9 to 13, and places no limitations on the reaction 
pathway, since and represent all hydrated and
dehydrated periodate species respectively.
Now, from the original equilibrium scheme
VIII... ^D?erH] = k 2 6 [H3 I0 6 2 ] + k ^ H g l O g 3 ]
IX.... Sg[PerD ] = k 6 2 [HI05 2 ] + k ^  [1053-]
p__
Taking [ E ^ I O ^  ]out as a factor in equation VIII :
kjjp^IOg^Kl + K 2 3 /[H+ ]) = [H3 I0 6 2 -](k2 6  + k 3 7 K 2 3 /[H+])
Rearranging and substituting K^/[0H ] for [H+]: — 
(K is the ionic product of water).
X...O. k^ k 2 6  + k 37^ 23 [OH-] A w
1 + k23 [oh-] A w
k26Kw + k 3 7 K 2 3 [0 H-]
Kw + K 23 t°H"J
A similar treatment for k^ yields the relationship : —
XI.... k^ - ^62^w + ^7 3 ^ 6 7
Kw + K 67 t0H_]
With no dependance of the relaxation time on the total 
periodate concentration
T  kD + lcH
T - 1  = k 2 gKw + k 3 ?K 2 3  [0H~] + k 6 2 Kw + k ^ K g ^ O H - ]
Kw + K 2 3 [OH“ ] Kw + K 6 7 [OH-]
Rearranging this expression over a common denominator
XII... T"1 = { K w 2 (k2 6  + k 62) + Kw [0H-](K2 3 (k6 2  + k37)
+ K g7 (k2 6  + k73)) +[OH_ ]2K 2 3 Kg7 (k3 7  + k ?3)|
- { k w 2  + k w [°h"](k2 3  + k 67) + [oh-]2k 2 3 k 67J
Equation XII is of the general form
XIII.. T - 1  = ocKw 2 + x [OH- ] + ft z [OH-] 2
Kw 2 + y [OH- ] + z [OH-] 2
where oc and /] are the lower and upper limiting values
of the reciprocal relaxation times.
The acid dissociation constants K 0- and K c r 7 are related
23 67
to the apparent ionization constant K^ by
k 2 3  = Kj ( 1  + K 2 6 ) / ( 1  + k 37)
and Xg7  = ETj K37(l + K 2 g)/K2 g(l ^ 3 7 )
A computer program was designed to process 
the relaxation data according to the expression XII.
An on-line graphics terminal was employed for a "trial 
and error11 best fit of the experimental data.
The input parameters, which were varied to 
obtain the best fit to the experimental results were, 
the lower and upper limiting values of reciprocal 
relaxation times, the apparent ionization constant, and 
estimated values of the dehydration equilibrium constants, 
K 2g and K^y*
The rate constants for hydration and dehyd­
ration, k 2 g, kg2, k^y, and were calculated by the 
relationships :
K 26 = k26/k62 
= k26 + k 6 2
K 37 ~ k37 7 3
B  ~  ^ 3 7  ^ 7  3
Figure l(j) is a direct copy of a typical 
best fit curve from the graphics display, and Figure l(k) 
shows the numerical output. Input values of K 2^ were 
varied over the range 1 0 "^ to 1 0 ^, and suitable corres­
ponding values of K^y were determined by trial and error0 
Table l(xi) lists values for the dehydration equilibrium 
constants with the related rate constants and the 
ionization constants computed therefrom.
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Without an independant knowledge of 
the dehydration equilibrium constant for dianionic 
periodate, the other rate and equilibrium parameters 
cannot be evaluated* It is clear from Table l(xi), 
however, i h a t  K^ 7 » equilibrium constant
for trianionic periodate approaches a lower limiting 
value of 1 5 , although the actual calue in the system is 
probably somewhat higher0 Nevertheless, the results 
obtained are significant in confirming 1 0 ^ as the 
predominant trianionic species at 25°0.
The acid dissociation constant Kgy of the 
mesoperiodate dianion varies according to the other 
constants, but as seen from Table l(xi), pKg^ for the 
orthoperiodate""dlanion does not vary, the average value 
being 12.77.
No other values can be definitely ascribed 
to the constants shown in Table l(xi), but an attempt 
to place some limits on these constants is made in the 
conclusion to this discussion.
1 *2 . 6  Conclusions
From studies in acid solution, it has been 
possible to demonstrate that two pathways contribute 
significantly to the hydration-dehydration processes, 
the first from the ortho-acid to IO4 - via the
pentaco-ordinated meso-acid and its monoanions as steady
state intermediates. The other pathway is that between 
the hydrated and dehydrated monoanions, the equilibrium 
linked to the acid dissociation of H^IOg, and the 
hydration-dehydration equilibrium proceeding through the 
mesoperiodate monoanion as a steady state intermediate. 
The latter route is the only significant one above pH of 
about 3 , but the former pathway becomes more significant 
at lower pH, although there is no evidence to show its 
absolute predominance at any pH employedo
The analysis of data at high pH confirms 
the importance of the pentaco-ordinated mesoperiodate 
dianion and trianion in alkaline solution, the trianion 
being predominant over the hydrated orthoperiodate tri­
anion.
Buist and Hipperson estimated that the 
dianion dehydration equilibrium constant should be of 
the order of 1  to 1 0 , whereby some limits can be placed 
on the other constants of the dianion and trianion 
hydration-dehydration equilibria.
A value for of 1 to 10 gives the limits 27 - 160 
from the computer fit, which yields some ranges of values 
for the associated rate constants as follows.
k 2 6
(2.3 to 4 .2 ) x 1 0 ^ sec"”^
k62 = (2.3 to 0.4) x 1 0 5 sec”*1'
ft* II (1 1 .6 tc» H.9) n r Ax lo sec
IIK\ (4.3 to 0.7) x 1 0 ^sec- 1
The third'*pK of the ortho-acid is about 12.7 Modm , 
and the range of values of the other parameters indicates 
limits for the third pK of the meso-acid of 1 1 . 3  to 1 1 .6 .
Prom the estimates of the third pKfs of the 
two periodic acids, and using data from the literature 
for the first pK*s, Pauling1s empirical method provided 
approximate values for the other acid dissociations.
orthoperiodic acid PK2 = 3.0
pK2 = 7.9
PK^ = 12.7
mesoperiodic acid P^l = 0.5
PK2 = 6 . 0
pK3 = 11.5
(s are interpolated values by Pauling*s method).
Using these results, further consideration of 
the acid and monoanion equilibria is possible.
Since the pentaco-ordinated monoanion is 
present in the stationary state, its stability constant 
with respect to the orthoperiodate monoanion, should
_p T
be of the order 10 to 10 , The rate constant k ^  has
■z o
been evaluated as 8  x 10^ sec at 25 C, placing the
5
reverse rate constant k ^  within the limits 8  x 1 0  to 
8  x 1 0 4 .
The other functions of the monoanion equilibrium can 
be estimated from the relationship :
K19 = K 15‘K 59 = 2 9  at 25°°
rz
K,-n should therefore lie between the limits 2.9 x 10^
59
2
and 2.9 x 10 . Prom the stationary state approximation,
kjj = k51/K5g
whereby k ^  has a value much less than k^^ is thus
7 -1assigned a value of at least 1 0  sec , and the reverse
rate constant k ^  would then be about 3 x 1 0 ^ sec""^.
By the law of mass action : -
k 04*K45 = K01*K15
K Q 4  must thus lie within the limits 8 . 5  x 1 0   ^ and
8.5 X 10“6.
Since has been evaluated at 25°C as
’Z
8  x 1 0  , the hydration rate constant k^Q must be greater 
than 1 0 ^ sec””'*'.
It is difficult from these estimates of rate 
parameters to explain the large variations of rate 
constants for hydration and dehydration processes. It is 
clear, however from the earlier discussion that solvation 
is a major factor in the mechanism of these processes, 
with proton transfer playing a large role. It is therefore
hardly surprising that the rate constants can be as high
7 —1as 1 0 ' sec ■.
Further work over a range of temperatures, 
particularly at high pH should be undertaken in any 
future work, since the thermodynamic parameters derived 
in the present work for the monoanion processes have 
proved more useful than the rate data itself towards an 
understanding of the mechanism of the hydrations and 
dehydrations.
In conclusion, it is worth noting some other
hydration-hydrolysis reactions such as SO^ with a hydration
rate constant of 3 * 4  x 1 0  ^ sec“ *^ ^  and C0 2 with a value 
—2 —1 37of 4 x 10 sec . The periodate interactions are thus 
among the most rapid which have been observed for this 
class of reaction.
1.3 EXPERIMENTAL
1.3.1 Reagents and Materials
In acid solutions, sodium metaperiodate 
NalO^ was employed. The readily available commercial 
product of AnalaR quality was recrystallised from 
0.1 Molar hydrochloric acid, avoiding precipitation of 
sodium salts containing dianionic periodate species.
The relative insolubility of these salts such as N^H^IOg 
precludes the use of sodium metaperiodate in alkaline 
solutions.
Adjustment of the pH of solutions in the 
range 1  to 6 was made by the addition of hydrochloric 
acid from a Molar solution of superpure quality. The 
ionic strength of these solutions was corrected to the 
required value by the addition of sodium chloride, also 
of superpure grade (Merck).
A convenient source of periodate for use 
in alkaline solutions is the dimeric salt, tetrapotassium 
nonaoxodiiodate(VII), K^I^O^, which is the dehydrated 
form of the salt tetrapotassium dihydrogen decaoxodiiodate(VII) 
octahydrate,
The preparation of the dimeric salt was 
executed as follows:
Potassium metaperiodate, KIO^ (115g) was 
added to an equivalent amount of 4 Molar potassium 
hydroxide solution (28g/l25cnr), and the mixture was 
heated to 70°. The hot solution was filtered, and the 
first product was crystallised from the filtrate at 1 0 °. 
This product was recrystallised twice from water at 50°.
The final crystalline precipitate was filtered at the 
pump, and dried overnight in a dessicator over phosphorus 
pentoxide. Complete dehydration was effected in an oven 
at 110° for three hours. This gradual drying process 
prevented caking of the product.
The potassium mesoperiodate dimer was assayed 
by the method of sodium arsenite titration described in 
standard quantitative inorganic analysis works . The 
product was found to be at least 9 9 %  pure by the analysis.
The pH of solutions in the alkaline range was 
adjusted by the addition of carbonate-free potassium 
hydroxide solution from a Molar stock solution. In order 
to avoid precipitation of insoluble sodium salts at high 
pH, potassium chloride was used rather than sodium chloride 
to correct the ionic strength of the solutions.
The water used as solvent for this work was 
deionized, and distilled from potassium permanganate to 
oxidize organic impurities, then finally doubly distilled 
in a quartz apparatus.
1*3.2 Apparatus and Instrumentation
1.3.2 . 1
Spectrophotometrie Measurements
The variation of the ultra-violet spectra 
of periodate solutions with temperature was investigated 
using a Cary 118 recording spectrophotometer.
The cell holder was thermostatted by water 
circulation, and the temperature of solutions in the cells 
was measured with a thermistor bridge.
The silica cells used for all measurements 
were a matched pair of path length 1 0 mm, supplied by 
Helima.
1.3.2.2
Temperature-Jump Measurements
The temperature-jump instrument employed 
was based upon the Gdttingen Commercial Apparatus,
27with certain modifications as reported in the literature
The cell was of plexiglass construction, the 
optical windows being silica, and the electrode surfaces 
were platinum. The path length of the cell, as determined 
by a travelling microscope was 1 0 mm, and the effective 
heated volume was approximately 1 .4 cm .
The output of the spectrophotometer was 
recorded on a Tektonix storage oscilloscope, and the 
traces were photographed onto 3 5 mm film, using a 
Robot camera fitted with a suitable lens.
1.3.2.3
Pressure-Jump Measurements
Pressure-jump measurements were made on 
a prototype instrument as described in the literature
The traces were recorded on a Hewlett- 
Packard storage oscilloscope, and by means of an analog 
to digital converter connected to a Wang Computer, the 
data was processed automatically. This system has been 
discussed in detail in the literature.
1.3.3 Experimental Procedures
1.3.3.1
The Variation of the Ultra-violet Spectra 
of Aqueous Periodate Solutions with Temperature
The temperature dependances of the spectra 
of periodate monoanions  ^ and of alkaline periodate 
solutions have already been investigated, from which 
reports suitable analytical wavelengths for temperature- 
jump measurements could be obtained.
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The variation of the periodate sprectrum in 
acid solution was measured to complete the pH range of 
interest, and the result is depicted in Figure 1(1),
The concentration of periodate employed was
4 - 3  110 M.dm , in 10"“ Molar hydrochloric acid solution.
Spectra in the temperature range 15 - 35°C were obtained,
demonstrating considerable absorbance variation at
wavelengths around 2 3 0 nm.
1.3.3. 2
Temperature-Jump Procedures
(a) Calibration of the Temperature-Jump with
Respect to the Discharge Voltage :
It would be impracticable to attempt a direct 
measurement of the temperature rise in the solution on 
discharge of the capacitor. It is undesirable to introduce 
objects such as thermistor probes into the cell, and 
difficulties in reading such instruments sufficiently 
rapidly would be encountered.
The method conveniently employed to determine 
the actual temperature jump associated with a particular 
discharge voltage was an indirect one, using a buffer 
having a large A h  value coupled to a suitable indicator.
A small change in temperature of such a solution results 
in a significant change in pH, due to the buffer, and 
a corresponding change in absorbance of the indicator.
 1
The solution employed was tris buffer (10 M) 
with cresol red indicator (3 x 10”%). The ionic strengti 
was adjusted by means of an inert salt, sodium chloride 
(10 M). The optical density of this solution was
determined at various temperatures in the range 17 - 26°C, 
at a wavelength of 562.5nm. Figure l(m) shows the plot 
of absorbance against temperature, which is linear in the 
range studied with a slope of -0 . 0 1  absorbance units °C“%
The temperature-jump cell was filled with a 
degassed sample of the buffer-indicator solution, and 
thermostatted at 20°C. Temperature jumps were carried out 
for discharge voltages in the range 20 - 35 kV using an 
analytical wavelength as for the other spectrophotmetrie 
measurements of 562.5 nm. Three jumps were executed for 
each discharge voltage. The change in photomultiplier 
output signal associated with the absorbance change was 
recorded on the tektronix 5 4 9  storage oscilloscope, and 
the trace was photographed onto Polaroid film. The 
change in signal was determined by means of fine calipers.
The change in photomultiplier output signal 
is directly proportional to the change in percentage 
transmission of the solution.
Plot of Indicator / Buffer Solution Absorbance 
against Temperature
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In the temperature-jump method, the absorbance
change should be small, so that there is a linear 
relationship between absorbance and percentage transmission. 
The relationship between the change in absorbance and 
the change in photomultiplier output signal may then be 
derived as follows.
The total photomultiplier output signal, S, 
is proportional to the intensity of light incident on 
the photomultiplier, I.
S oc I
It follows that :
S
where V is the total signal voltage observed on 
the oscilloscope,
and C is the voltage applied by means of the 
offset control.
The transmission of the solution :
S / S0 (V + C) / (v0 + c0)
where IQ , SQ , VQ and CQ represent the intensity, photo­
multiplier output signal, observed signal voltage, and 
offset voltage respectively for a reference standard.
The absorbance of the solution:
A = log-j^Tr”1
= -0.4343 In Tr
-0.4343 (ln(V + C) - ln(V0  + 0Q)
Differentiating with respect to S :
dA = -0.4343
dS S
For a small change in absorbance, A-A, resulting in a 
small change in the photomultiplier output signal, AS, 
the expression above approximates to :
A A  = -0.4343 A S
S
A S  = -2.303. AA. S
Since the plot of A A  against the temperature rise A T  
was linear with a slope of -0 .0 1 , and the path length
of the temperature-jump cell was 10mm:
A A = -0.01 Absorbance units °C ^
AT
Substituting for A A  in the expression derived previously
A S  = 2.303 . A T  . 0 . 0 1  . S
Since the total photomultiplier output signal was 3 volts
AT = A S  / 0.06909
From this relationship, AT values were calculated from 
the experimentally determined values of A S  for various 
discharge voltages, U. The results are listed in Table 1
p
The values of A T  were plotted against U from the 
relationship :
AT = k"1 . i . cHV . V2
a . cp
where k is a cell constant, (effectively the
resistance in ohms), 
d is the density of the solution,
0 ^ is the specific heat of the solution 
and Cgy is the capacitance of the discharge
capacitor.
Calibration Graph Relating Temperature-Jump to
Discharge Voltage
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Figure l(n) shows the plot of A T  against
2
U which is linear as predicted, and a discharge voltage 
of 32 kV was interpolated to give a temperature rise of 
4°C, which was chosen for all the experimental temperature 
-jump work.
(b) The Preparation of Solutions for Temperature
Jump Experiments :
Prior to making up solutions for temperature 
jump work, the solvent water was boiled for a few minutes 
for complete degassing, and allowed to cool in an 
evacuated dessicator. It is essential in solutions for 
temperature-jump determinations to degas the solution, 
since dissolved carbon dioxide could affect the pH of 
solutions, and other gases tend to form bubbles within 
the temperature-jump cell which cause disturbances in the 
output traces.
Solutions were made up using the appropriate
source of periodate as discussed in section 1 .3 .1 ,
-4 -3typically of concentration around 10 M.dm to give an 
absorbance of 1 in the 10mm temperature-jump cell. Acid 
or alkali was added from the stock solutions to achieve 
the desired pH.
In the pH range 9 to 13, solutions were 
made up in a dry box containing nitrogen, to exclude 
carbon dioxide. The solutions were transfered to the 
pH cell shown in Figure l(o) for the adjustment and 
measurement of the pH. Using this device, the pH was 
measured at precisely the required temperature by means 
of the jacket through which water was circulated from 
a thermostat bath. Ground glass sockets for a micro- 
electrode, thermometer, and solution inlet, together 
with a control for the admittance of an inert atmosphere 
ensured the exclusion of any carbon dioxide, and the 
lower outlet provided a means of transference of the 
solution to the temperature-jump cell.
An inert salt was used to adjust the ionic 
»—1 —3strength to 10 M.dm J  which was employed for all
solutions to ensure a low heating time for the solution.
The resistance of the solution in the cell was measured
on a high frquency ac bridge, the ionic strength used
giving a resistance of 1 0 0  ohms corresponding to a
— 6heating time of 2 . 5  x 1 0  seconds.
After filling the temperature-jump cell, the 
solution was further degassed by standing the cell in 
an evacuated dessicator for a few minutes.
Figure 1(o)
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(c) Procedures for Temperature-Jump Experiments :
The temperature-jump cell containing the 
solution of interest was allowed to attain thermal 
equilibrium by standing in the cell compartment for at 
least 3 0  minutes before measurements were attempted.
For solutions in the pH range 9 to 13, the cell compart­
ment was flushed with nitrogen to prevent the admission 
of carbon dioxide to the cell.
A wavelength was selected between 230 and 
2 5 0  nm to obtain the maximum absorbance change, as 
recorded in the ultra-violet spectral variations with 
temperature. The slits and dynode controls were 
adjusted to give a total signal of 3 volts on the meter.
A diaphragm between the lamp and monochromator was closed 
except during measurements to prevent deterioration of 
the monochromator grating and possibly also the solution 
under the influence of intense ultra-violet radiation.
The instrument risetime control was set 
initially at zero, and a temperature-jump was carried 
out using a discharge of 32 kV, corresponding to a 
temperature rise of 4°0. The relaxation process was 
followed on the storage oscilloscope, set to a suitable 
time base. The procedure was repeated at various 
oscilloscope sensitivities and time bases to ascertain 
the order and number of the relaxation processes.
For the final measurements, the oscilloscope 
time base and sensitivity were set to obtain the optimal 
trace, and the instrument risetime was adjusted to a 
value not greater than ten percent of the estimated 
relaxation time. The additional risetime control, a 
drift filter system was set according to the value of 
the instrument risetime. Five measurements were carried 
out for each solution, allowing sufficient time between 
jumps for the solution to reattain thermal equilibrium. . ■
The traces were photographed onto 35 mm film, 
and Figure l(p) shows prints of some traces at various 
values of pH.
1.3.3.3
Pressure-Jump Procedures
— 2  — "5A solution containing 5 x 10 M.dm ^ of 
sodium metaperiodate was thoroughly degassed, and the 
sample cell was filled with this solution. The polythene 
seal was applied, taking care that no air bubbles were 
trapped within the cell. The reference cell was similarly 
filled .with a solution of 5 x 1 0  M.dm J  potassium 
chloride.
The cells were fixed into the autoclave and 
connected to the bridge circuit. About 20 minutes was 
allowed for thermostation.
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The "bridge was "balanced, initially using the 
potenetiometer, and finally with the balance capacitors. 
Pressure-jumps of 150 atmospheres were applied by rupture 
of a metal diaphragm in the autoclave. The time base of 
the oscilloscope was altered to scan the complete time 
range of the instrument for all possible relaxations.
Af ter optimisation of the instrument settings, 
five successive pressure-jumps were carried out, the 
computer being used for automatic data processing.
The procedures were repeated at various 
temperatures.
1.5*4 Evaluation of the Temperature-Jump Traces
1 .3.4.1
The Infinity Method' j
As discussed previously, provided that the 
peturbation is small enough so that the change in absorb­
ance is correspondingly small, then there is a linear 
relationship between absorbance and percentage transmissioi 
The change in observed signal is then directly proport­
ional to the change in absorbance.
The relaxation process is first order, 
irrespective of the stoichiometry of the reaction, and
the kinetic experiments can he therefore evaluated 
using the standard infinity method. The trace on 3 5  mm 
film is enlarged by projection so that values of the 
signal at various times can be obtained. A plot of 
ln(S^. - Sqq ) against time should be linear, giving a 
value for the rate of reaction. Since about five temp­
erature jump measurements are carried out for each 
solution of interest, the evaluation of the large number 
of traces of traces is a tedious and lenthy procedure.
1.3.4. 2
Evaluation of relaxation Traces using an 
Exponential Eunction Generator.
Several devices for the rapid evaluation 
of relaxation traces have been reported. Most of these 
are based on an exponential function generator * A typical 
simple circuit diagram for such an instrument is shown 
in figure l(q) . The principle of the device is the 
fact that a condenser charges and discharges exponentially, 
the rate of the process depending upon the resistance 
through which the condenser is charged or discharged*
A square wave function from a suitable 
generator is the input to the device, the discharge of 
the capacitor being recorded on the oscilloscope screen 
as a continuous trace0 A variable resistance provides 
means of adjustment of the time constant of the expon-
Figure [ 1 (q)
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ential trace* The half-lives of these traces are 
determined at some settings of the variable resistance, 
and the time constants calculated therefrom provide a 
calibration plot as shown in Figure l(r).
✓ For evaluation of the kinetic experiments, 
the image on 3 5  mm film is projected onto the oscilloscope 
screen, superimposing the graticule image with the osci­
lloscope graticuleo The oscilloscope time base is 
adjusted to that employed in the kinetic experiment, and 
the exponential trace is altered by means of the osc­
illoscope sensitivity and the variable resistance to 
coincide with the image of the kinetic trace. Reference 
to the calibration plot then gives a value for the 
relaxation time of the kinetic trace.
Although the accuracy of evaluation is 
slightly less using this device than the classical methods 
of analysis of kinetic runs such as the infinity method, 
the result is well within the normal bounds of experimental 
error. It is advisable to employ the same oscilloscope 
in temperature jump experiments and the evaluation 
procedure, since any non-linearity effects of the 
particular oscilloscope are thereby negated.
lo3°5 Summary of Pres sure—Jump Results o
It was only possible to obtain pressure-
jump relaxation data at pH 5«75* using sodium meta
— 2 — 3periodate with concentration £Jx 10 M.dm .
Adjustment of the pH using acid, or addition of an 
inert electrolyte to correct the ionic strength so 
reduced the amplitudes of the traces, that measurement 
was impracicable.
In'view of this, and bearing in mind that 
all the temperature-Jump measurements employed solutions 
of ionic strength 0„1 M.dm , the results of pressure- 
jump experiments have not been included in the discussion. 
Nevertheless, they are listed here in Table l(xii) for 
reference,,
Figure l(s) shows Arrhenius Plots for the 
forward and back rate constant of the reaction calculated 
from the reciprocal relaxation times using Hymans values 
(loc.cit) of the Dehydration Equilibrium Constants. Ho 
attempt, however, has been made to report.thermodynamic 
parameters, since a very limited range of temperatures 
could be employed within the scope of the instrument.
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SECTION 2
THE KINETICS AND MECHANISM 
OF OXIDATION OF SOME DIOLS
BY PERIODATE IN AQUEOUS 
SOLUTION.
2.1 INTRODUCTION
'2.1.1 Specific Oxidants in Organic Chemistry with 
Particular Reference to the Periodate Oxidation of 
Vicinal - Diols.
There are several well known specific oxidants 
of organic compounds. Of these, periodic acid and lead 
tetra-acetate have been widely used in the oxidation of 
bifunctional organic molecules including vicinal-diols, 
diketones and related compounds. The importance of these 
reactions in structural studies of sugars in particular 
has been noted by chemical kineticists, and there has been 
considerable interest in the elucidation of the mechanisms 
of these specific oxidations.
4-0It was Malaprade in 1928 who discovered 
that compounds containing vicinal hydroxyl groups were 
oxidised quantitatively by periodic acid in aqueous 
solution. One molecule of periodic acid was required to 
oxidise two hydroxyl groups, the organic products of 
reaction being carbonyl compounds. The stoichiometric 
equation for the reaction was written :
GH2(0H)GH2(0II)--> H5I06 v= = *  2 HCHO + HIO^ + 3 H20
Fleury and lange 4 1  and other workers 
extended Malaprade*a researches and showed that a pre­
requisite for oxidation was vicinal hydroxyl groups, 
oxidation being accompanied by cleavage of the carbon- 
carbon bond between the hydroxyl groups.
.Analysis of the products of oxidation of 
diols, namely carbonyl compounds has proved a powerful 
tool in structural studies of biologically important 
compounds such as carbohydrates. In this application, 
periodic acid has been more useful than lead-tetra- 
acetate, since the former is water soluble as are the 
organic substrates of interest, whereas lead tetra­
acetate must be used in organic solvents such as glacial 
acetic acid or benzene in which sugars are insoluble.
There are, however, several interesting 
aspects of comparison in the mechanisms of reaction of 
both oxidants, although periodic acid is of prime interest 
in the present work. The'actual mechanisms are discussed 
in the next part, of this survey.
The role of periodic acid in carbohydrate
42 4 3
chemistry has been reviewed by Jackson , Bobbitt ,
and Dryhurst A later review by Sklarz ^  summarises
the organic chemistry of periodates.
Periodic acid and the periodates are now 
known to be far less specific than was originally
believed. A wide range of organic molecules are 
oxidised rapidly in the "Malapradian1' manner; that is 
where carbon-carbon bond fission occurs. Vicinal diols, 
diketones, diamines, hydroxyketones, aminoalcohols, and 
hydroxy- and ket- acids are oxidised in this was.
Certain organic compounds, however, are 
oxidised without fission of carbon-carbon bonds, and 
thses reactions are generally referred to as non— 
Malapradian oxidations. Notable in this type of reaction 
are the oxidations of aromatic diols (not necessarily 
vicinal) and compounds containing active methylene groups, 
for example malonic acid.
Homolytic oxidations by periodate are also 
known, but no kinetic studies of such systems have been 
reported.
The continuing discussion will be limited to 
the "Malapradian" oxidations of the organic compounds of 
particular interest in the present work, namely vicinal 
diols.
2.1.2 The Mechanism of Oxidation of Vicinal-Biols 
by Periodate: A .Review of Previous Work.
Bunton has reviewed the mechanisms of 
some periodate oxidations, and more recently, Buist 47 
has provided a comprehensive discussion of the subject
with, particular reference to kinetic studies.
The first kinetic investigations of the diol—
periodate system in aqueous solution were undertaken by
48
price and Knell . Under their reaction conditions, 
overall second-order kinetics were observed, from which 
no evidence for the mechanism of the reaction could be 
expounded.
Duke 49, however, employed a large excess of 
diol over periodate, creating pseudo firat-order conditions 
and discovered that the overall reaction exhibited mixed 
order kinetics such that the pseudo first-order rate 
constant k 1 was related to the diol concentration by 
the expression :
k ' oo [ d] / ( 1  + k [dJ)
where K was a characteristic constant for a particular 
reaction. Duke interpreted his results by a consecutive 
reaction process in which the diol and periodate are in 
rapid equilibrium with a complex intermediate of reaction, 
C, which decomposes to the products of oxidation as shown 
in the scheme below :
lv k
Biol + Periodate ^=-==^ C ---- ■— > Products
From this conclusion, the pseudo first-order 
rate constant with respect to total periodate, k ! could 
be expressed as :
k '  m- k dK X) / ( I  + K [ I > ] )
Rearranging :
l / k '  = l / ( k f, K [ p l  +  l / k , .
Plotting reciprocal values, of pseuso first- 
order rate constants against the reciprocal of correspond- 
—ing diol concentrations, Duke was able from the straight 
line plot obtained to evaluate the eq.uilibrium constant 
for formation of the intermediate, K, and the rate constant 
for its decomposition, k^.
There was considerable evidence to support
50
DukeTs proposed reaction scheme. Malaprade had found 
that addition of a diol to a periodate solution at a 
suitable pH (around 9) resulted in a rapid decrease in pH, 
followed by a slower increase, which continued until . 
complete reaction, the final solution having a higher pH 
than the .original value. These observations were consis­
tent with a two step process, the first producing a stronger 
acid species than periodate dianion, and the second 
proceeding with the production of hydroxide ions.
Thus :
CH2(0H)CH2(0H) + HI022  » 2 HCHO + 10 ~  + OH- + H 20
51Criegee and his co-workers studied the. 
oxidation of some vicinal diols by lead tetra-acetate, 
and suggested the mechanism shown in-Figure 2(a). It 
was established that a cyclic heterolytic process must 
take place, since homolytic rupture of the diol by the 
attack of radicals would not exhibit the degree of - 
specificity required. By analogy with the scheme shown 
for lead tetra—acetate, a mechanism involving the formatioi 
of monoester and cyclic diester intermediates in the 
periodate oxidation has been proposed* This is depicted 
in Figure 2(b)•
no
It was, however, pointed out by Taylor- 
that Duke*s data was not inconsistent with a system in 
which" diol and periodate react directly to give the 
product s , simultaneously forruing an inert c omplex, C , 
in equilibrium with the reactants,as shown below :
K k p
C Periodate + Biol  1--- > Products
This problem remained unresolved until Buist 
53and his collegues extended the kinetic studies of 
earlier groups of workers to a wide range of substituted 
diols in solutions covering the complete range of pH.
Figure 2 (a)
Mechanism Proposed by Criegee et al fo r  the
Oxidation of a Vicinal Diol by Lead Tetra-acetate
-C— OH
I
■C— OH
+ Pb(O CO CH 3 )4
slow
C— O — P b(O C O C H 3 )3
■C— OH
+  H O C O C H 3
• c ^ c x
\ Pb (OCOCH 3 )2  + 2 HOCOCH3
C - - 0
fast
- 0 = 0
■0=0
+ :Pb(OCOCH3 )2  + 2 HOCOCH3
Figure 2 (b )
VA
v._
Proposed Mechanism for the Periodate Oxidation
of Vicinal Diols.
C— OH 
I
•C— OH
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O
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C— OH
O 
I— O
O H
4
(The use of IO4  does 
not assume this to  be 
the reactive periodate 
species).
Of particular interest were the methyl 
54substituted ethane diols , in which electronic and 
steric effects on the kinetics could be examined.
It was discovered that some diols exhibited consecutive 
first-order kinetics, where the reactants are not in 
equilibrium with the complex. This was particularly
pr jr
marked in the oxidation of 2-methylbutane-2,5-diol .
These observations were highly significant, since, under 
such conditions, the ambiguities pointed out by Taylor 
could be resolved, the two possible reaction schemes 
becoming kinetically distinguishable. The original scheme 
proposed by Duke remained consistent with Buists*s data.
Consideration of the complete reaction 
scheme, encompassing uncharged, mono-, and di-anionic 
periodate and complex species permitted an analysis of 
the data obtained from measurements, of pseudo first-order 
rate constants over the complete pH range. These processes 
are shown in figure 2(c).
56 '
Buist, Bunton and Miles offered 
spectroscopic evidence in support of the formation of a 
diol-periodate complex as intermediate of the reaction. 
Corresponding to the* initial rapid drop in pH mentioned 
previously, they observed a change in the ultra-violet 
spectrum of periodate, which was slow enough at high pH 
to be followed kinetically. After this relatively rapid
figure 2(c)
A Comprehensive Reaction Scheme for all Species involved 
in the Oxidation of a M o l  by Periodate in Aqueous Solution.
> Products
>  Products
> Products
— . 2- — 2— 
where Per, Per , Per. and C, 0 , C represent uncharged
mono- and di-anionic periodate and intermediate complex
species respectively.
—  —* t i
^1* ^2 all(^  ^1* K 2 are ^ie 821(1 second ioniz­
ation constants of periodic acid and the completed acid 
respectively.
K°, K~, and k°, k~, \ < i ^ ~ are the equilibrium
constants of formation, and rate constants of decomp­
osition of the uncharged, mono-, and di-anionic inter­
mediate complexes respectively.
r 'd
Diol + Per ^
A
K 1
K'
Diol + Per 
A
k 2
t
Diol + Per*” ^
C
71
V
C"
K1
k‘d
K.
K 2- kd
C'
change, a subsequent slower change in absorbance occurred 
with formation of the reaction products. In this and 
later studies, Buist and his collegues found spectro­
photometry a useful method of analysis of diol-periodate. 
reactions.
It appears from both qualitative and kinetic 
investigations that the complex intermediate of reaction, 
assumed to be a cyclic diester of the diol and periodate, 
is of key importance in the kinetics of the oxidationG 
Indeed, for diols in which formation of the complex is 
not possible, oxidation does not occur * An example of 
this is tranndecalin-9,10—diol.
OH
OH
In cases where substituent groups of the diol 
cause steric hindrance in complex formation, the effect 
on fundamental rate constants of the reaction is consider­
able. It has, therefore, been concluded that formation 
of a diol-periodate cyolic diester is an essential pre­
requisite for oxidation of the diol to occur.
It is interesting to note at this point that 
transdecalln-9» 10—diol is oxidised by lead tetra-acetate,
indicating that an alternative- mechanism for this 
oxidant may be possible.
Table 2(i) summarises some results reported 
47by Buist et al for the oxidation of ethane-1,2-diol 
and some methyl substituted ethane diols.
The effect of methyl substitution on the 
first and second dissociation constants of the diester,
t _i
K-^  and. Kg is consistent with the normal inductive effect 
of the methyl group.
Consideration of a model of the diester as 
represented in Figure 2(d) assists interpretation of the
results for the equilibrium constants of formation of the
o — 2—
diesters, K , K , and K" , in which both electronic and
steric effects of methyl substitution seem to be important
The structure shown in Figure 2(d) has been 
deduced from analogy with other periodates of known 
structure, in which the oxygen atoms have an octahedral 
configuration. The five-member ed ring encompassing the 
diol component should be puckered, so that two of the 
possible substituent positions could give rise to steric 
interference with two of the periodate oxygen, atoms.
These positions are labelled on the model by H and H* •
The other two positions would then be expected to cause 
no steric hindrance, and are described on the model as 
free positions, F and F*.
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Ethane-1,2—diol, propane-1,2-diol, and the 
optically active butane-2,3-diol can form periodate 
cyclic diesters with no methyl group in a hindered 
position, and the successive increase in formation 
equilibrium constant must then be an electronic effect 
of methyl substitution. The other three diols listed in 
Table 2(i) have at least one methyl group in a hindered 
position, such that steric effects become predominant 
over electronic effects, resulting in a considerable 
reduction of the cyclic diester stability constant.
In order to explain the data for kfl, the rate 
constant for decomposition of the cyclic diester, Buist 
and Bunt on  ^ have proposed that hydrated and dehydrated 
forms of uncharged and monoanionic esters can exist.
Figure 2(e) shows all possible cyclic diester species.
The dehydrated forms of the complex acid and its mono­
anion should be stronger acids than the corresponding 
hydrated species. Ho dehydration of the dianion can 
occur. In acid solutions, below pH 2, the equilibrium 
between acid species should be displaced in favour of 
the hydrated form, being a weaker acid, so that the only 
dehydrated species present in appreciable concentration 
would be the monoanion. The pH profile for experimentally 
determined values of la, shown in Figure 2(g-} indicates
J. ^
that the monoanionic diester is the predominant decompos­
ing species, the maximum plateau occurring in the pH 
range 3 to 6. Buist and Bunt on, therefore, suggested that
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decomposition to the products could only proceed from 
a dehydrated cyclic ester.
In recent years’, there has heen considerable 
interest in the kinetics of formation of the cyclic diesta:
intermediate, and the reverse process in the equilibrium,
*57Zuman, Sicher, Kupicka and Svoboda ^ 1 demonstrated the 
general acid-base catalysis in the oxidation, and Buist, 
Bunt on and Lomas were able to attribute this to a 
particular step of the reaction, that is, cyclisation of 
the monoester. Formation of the monoester should hot be 
catalysed by^acids or' bases through the unlikelihood of 
a trimolecular reaction. The decomposition of the diester 
to the products is predicted to be a simple intramolecular 
change, and should also be unaffected by buffer concen­
tration. Ihe independance of k^ on general acid-base
concentration was verified by Buist and his collegues.
\
In a detailed study of the kinetics of
- cq
oxidation of pr op ane-1,2 fdiol, Buist and Bunton . . were
able to show how cyclisation is assisted by a base, which
would promote removal of the second hydroxyl proton
according to the mechanism shown in Figure 2(f) 0
In general, results at a given pH for various 
buffer concentrations gave a linear plot from which 
catalytic constants and interpolated "unbuffered" rate 
constants could be calculated, A special case was, ' .
Figure 2(f)
Mechanism of Base Catalysis in the Cyclisation 
of a Diol - Periodate Monoester
O
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however observed in the ammonia catalysis of 
cyclisation, with marked curvature of the ’’buffer plots”, 
The explanation offered for this phenomenon was that 
ammonia is such a powerful catalyst, that at high conc­
entration, cyclisation became only partly rate—limiting 
in the overall diester formation process. The data were 
not sufficiently accurate to enable the evaluation of 
rate constants for formation of the monoester, although 
some limits could be placed on them. . More important was
probably the demonstration of a two step process in the 
formation of the cyclic diester intermediate of reaction 
further supporting the overall mechanism laid out in 
Figure 2(b) .
Figure 2(g) shows complete pH profiles for 
K, k^, k^ in "unbuffered” solutions for the oxid­
ation of propane-l',2~diol at 25°Ce The rate parameters 
in the formation of the cyclic diester k^, and its 
decomposition to reactants k^ were determined using 
stopped-flow spectrophotometry.
According to the profiles for E and k^, the 
dianionic ester seems to be the most stable, while the 
virtual independence of k^ on pH above 4 indicates that 
only the monoanionic monoester undergoes cyclisation in 
alkaline solutions. At very high pH, it is likely that 
cyclisation is the rate-limiting step of the diester 
formation.
Since cyclisation apjpears to proceed via bas 
catalysis of the monoanionic monoester, ring opening 
should occur by acid catalysis of the dianionic ester. 
Similarly, in acid solution, cyclisation is by water 
catalysis of the uncharged monoester, and ring opening 
would correspondingly be by hydrogen ion catalysis on 
the monoanionic diester.
uxiuuuun vi prupune - i , z -  aioi in unDurrerea solutions at 
25° C.
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2.1,3 Aims of the Present Work
The effects of substitution of the vicinal 
diol on the kinetics of the periodate oxidation have 
proved an interesting factor of the reaction® Such 
effects, however, on the rates of formation of the 
cyclic diester intermediates, rates of decomposition to 
reactants, and the accompanying catalytic effects have 
not been investigated. Some diols were selected for 
these studies to provide comprehensive data to account 
for substituent effects on these parameters. Ethane-1,2- 
diol, Phenylethane-1,2~diol, Propane-l,2-diol, and 
(+)—Butane-2,3—diol were chosen to illustrate electronic 
effects in the absence of steric hindrance, the, meso- 
Butane-2,3-diol providing a comparerable hindered case. 
The kinetics of formation of the intermediates of cis- 
and transcyclohexane diols were studied to provide 
comparison with the results for the butane-2,3-diols.
An investigation of the overall reaction of the cyclo- 
hexane-l,2-diols was also carried out for a further 
comparison with data published for the butane-2,3-diols* 
finally, it was hoped to . conclude some earlier work on 
the polyols glycerol and mesoerythritol in which some 
complications are encountered due to the extra hydroxyl 
groups, and some study of 3-rnethoxypropane-l,2-diol was 
undertaken, being an analog of glycerol without a third 
oxidisable hydroxyl group.
2.2 RESULTS M L  DISCUSSION
2o2.1 The Determination of Equilibrium Constants 
for formation of Cyclic Diester Intermediates from 
Experimental Rate Data0
treatment for consecutive first-order reactions0 The 
method is suitable for the pseudo first-order conditions 
employed in the present work, whereby k^[D] is the first- 
order rate constant of formation of the intermediate of 
reaction* Rakowski's derivations were designed specif­
ically for reversible consecutive reactions without the 
assumption that "equilibrium” conditions hold.
order rate constants 0 ^  and 02 are '^h-6 Foots of a 
quadratic equation, encompassing the fundamental rate 
constants of the reaction scheme :
Rakowski 60 has provided a mathematical
The experimentally determined pseudo first
k
d
Diol -f* Periodate ^ C >  Products
whereby :
49Tne equilibrium conditions observed by Duke ^
correspond to the situation where k^ is much greater 
then k^. The true pseudo first-order rate constant of 
the overall reaction k ! then approximates to the 
observed rate constant 02 which can he expressed in the 
relationship :
1 / 0 2  = l A (5K [ j j ]  +  l / k d
The equilibrium constant K is identical to 
k^/k^ in all relationships derived for the system, but 
its use does not necessarily imply that the reactants are 
in equilibrium with the intermediate of reaction*.
According to the expression shown above, a 
plot of reciprocal values of the measured pseudo first- 
order rate constants against respective reciprocal diol 
concentrations is predicted to be linear, with slope 
l/k^ and intercept l/k^K* The diol concentration at the 
first half life of reaction,jbj^is employed in these 
plots rather than the initial concentration, and is 
calculated from the relationship :
D l l  = W  - 0.5 [Per](l - 0 2A d)
[Per] is the total periodate concentration, and k^ is
calculated from a preliminary reciprocal plot using values
of D , o
Buist and Bunton ^  observed curvature of the 
"reciprocal" plot under certain conditions, which was 
attributed to a state of "non-equilibrium", where the 
ratio k^tk^ was small. At high values of l/[D] (low 
diol concentrations), the plot tended toward linearity, 
extrapolation intersecting the origin; the reciprocal of 
the slope of this line was therefore the limiting second- 
order rate constant for the reaction, k . An analysis of 
the plot at higher diol concentrations yielded values for 
the other reaction parameters, k^, k ^ a n d  k^.
The specific treatment for curvature of a 
reciprocal plot is discussed later with regard to the 
results of oxidation of 3-methoxypropane-l,2-diol. The 
reciprocal plot for this diol at pH 4-.95 in unbuffered 
dolution was the only example of curvature observed in 
the present work, in spite of the fact that other diols, 
particularly the cyclohexane~l,2~diols were expected to 
give "non-equilibrium" kinetics under similar conditions.
To investigate the "response" of the reciprocal 
plots to "non-equilibrium" conditions, a theoretical 
treatment was undertaken using a computer with a graphics 
display terminal on-line. Input of an equilibrium constant 
with various values of the factor governing the equil­
ibrium state, namely the ratio k^rk^, yielded plots of 
k^/j^ against l/[D] . An example of this, together with
the input data is shown in Figures 2 (h) and 2 (3 ) 0  A wide 
range of equilibrium constants was considered in this 
treatment, and the example shown for K = 100 is typical 
of the results obtained. It is clear from the plots 
that curvature is marked over a very limited range of 
kb/kd values, in this case around 0.1 to 0.5# Lower 
values display limiting second-order kinetics over almost 
the complete practical concentration range, and higher 
values of the ratio k^ik^ give virtually linear plots, 
deviating only slightly from the equilibrium situation 
where k^/k^ = 1000. Even with k,D/kd about 0.2, curvature 
only becomes considerable at very high diol concentration, 
so that within the normal experimental accuracy, and in 
the practical concentration range (iec below 0.1 M.dmT^)-, 
a linear plot would be obtained0
The curved reciprocal plot reported by Buist 
and Bunton  ^ for. the oxidation of 2-methylbutane-2,3—diol 
at pH 4*5 is the only such case reported in the literature, 
and corresponds to an "ideal" combination of parameters 
where K is about 2 5 0  IVf^.dm^ and k^/k^ about 0 .3 .
Prom the results of this computer analysis, 
values of equilibrium constants derived from^apparently 
linear reciprocal plots were treated with due caution, 
and in cases where "non-equilibrium" conditions were 
suspected, another treatment of the data was applied.
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This evaluation of the kinetic data requires values of 
0 - ^  obtained either from the initial rapid absorbance 
change, or from curvature of the first-order plot as 
described in the experimental section*
¥/here equilibrium conditions hold, the root 
0 ^  can be approximated to k^ [l)] + k^, since under such 
conditions, k^ is negligible compared with k^. A plot 
of values against diol concentration should then be 
linear with slope k^ and intercept k^, from which the 
ratio of slope to intercept gives a value for the equil­
ibrium constant K, which can be compared with the result 
from the reciprocal plot.
Under "non-equilibrium11 conditions, where 
values of both roots,, 0 ^  and 0 p  can be obtained from 
kinetic runs, a complete treatment without approximations 
is possible♦
The sum of the roots :
0 X  + 0 q  “ [l)] -i- k^ + k^
and the products of the roots ;
0 j _ . 0  2  =
These expressions are therefore applicable under, all 
conditions.
Plots of (0^ + ' 0 p ) -  an& against diol
concentration are then drawn, the latter plot intersecting
the origin. The slope of the "sum" plot is k^, and this
value is used to calculate k, from the slope of thea .
"product" ploto The intercept of the "sum" plot is 
(k^ -i- k^) from which k^ can be calculated using the 
value of k^ from the "product" plot.
Although this method involves no assumptions 
or approximations, and can be considered a complete 
treatment of the kinetic data, the accuracy is limited by 
the values of ■'which are generally much larger than 
0 p  for comparable diol concentrations, and tend to pre­
dominate in the "sum" plot particularly.
Several examples of this method are cited in 
the continuing discussions.
2°2.2 The Kinetics of Formation of the Cyclic Diester 
Intermediates of Oxidation of Some Substituted Ethane 
—1,2—diols at high pH.
One of the objectives of the present work was 
to investigate the kinetics of formation of cyclic diesteis 
of some diols with particular regard to the base catalysis 
of these processes. It was possible to obtain values of 
0 ^  for most diols of interest only at high pH (ie above 9).
The equilibrium constants for formation of
the cyclic diesters are known, to. he greatest in alkaline 
4-7solution ' so that absorbance changes accompanying the 
formation are sufficiently large to permit accurate 
measurement. Under such conditions, the concentration 
of the intermediate is relatively large, and a corres­
pondingly greater absorbance change is observed, A 
temperature of 1°C was chosen since the enthalpy change 
associated with the formation of the intermediate is 
negative, the equilibrium constant therefore increasing 
with decreasing temperature.
Under the experimental conditions stated, 
other factors contribute to the possibility of accurate 
kinetic work; namely, the rate constants k^, k^,and k-^  
are low at high pH and low temperature.
In this section, the kinetics of formation 
of the cyclic esters of ethane-1,2—diol and its methyl 
and phenyl sustituted derivatives are considered, while 
the kinetics of reaction of the polyols glycerol and 
mesoerythritol, and the cyclohexane-l,2-diols are discussed 
later.
2.2,2.1
Ammonia Catalysis in the Formation of Diol—
Periodate Cyclic Diesters.
The pseudo first-order rate constants for 
formation of the intermediates of reaction, 0 ^  were 
determined at pH 9.86 and 9*21 over wide ranges of diol 
and buffer concentrations, the composition of these 
solutions as described in the experimental section. The 
results are listed in Tables 2(ii) to 2('±) v :.'
Investigations showed that the diols under 
consideration here gave "equilibrium” kinetics at high 
pH, so that plots of 0 against diol concentration at 
constant buffer concentration were linear with slope k^ 
and intercept as discussed previously. Prom these 
results, values of the equilibrium constants for form­
ation of the intermediates were calculated, and a summary 
of the results are listed in Tables 2(xi) and 2(xii)o
. At a particular diol concentration, plots of
against ammonia concentration were drawn, and were
linear for all the diols employed, . Since cyclisation is
the only possible step of the reaction subject to buffer 
catalysisthe linearity of the "buffer plots" indicates 
that cyclisation is the rate-determining step under 
these conditions.
Experimental Results of Pseudo First-order Rates of 
Formation of the Ethane-l52-diol - Periodate Cyclic
Piester in Ammonium Buffers at pH 9*86 and 1°C.
—4 —Total Periodate Concentration = 10 Modm
Ionic Strength 10"2 M.dnf^
Run
Ho.
Piol Concn 
M .dm~^
Concn. 0 ^  exp. 
M.dm"”^  sec“^
0 ^ _  calc 
-1sec
. $devn
001 0.001 0.001 0.0513 0.0533 -3*9
002 0.002 * 0o0921 0.0869 4 - 5  06
003 OoOOp t! 0d223 0.1205 +1.5
004 0o004 tl 0.1488 0.1541 —3*6
005 r 0.005 • tt 0.1823 0ol877 -3.0
006 0c006 tt 0.2270 0.2213 +2.5
d n A r ^ s e c  1
010 0.001 O o O O l 0.0573 0.0595 -3*8 36.09
Oil ! 0.002 0,0911 0.0844 +9.1 57*38
012 tt 0.003 0.1047 0.1094 -4.5 65.94
013 tt 0.004 0.1367 0.1343 +1.6 86.10
014 tt 0.005 0.1555 0.1593 -2.4 97.94
016 tt 0.0075 0.2233 0.2216 +0.8 140.60
Table 2(ili)
Experimental Results of Pseudo Pirst-order Rates of 
formation'of the Propane-1,2~diol - Periodate Cyclic 
Piester in Ammonium Buffers at pH 9C86 and 1°C.
—4 —'5Total Periodate Concentration = 10 M.dm
Ionic Strength = 10-2 :.dm
Run Diol Concn. Concn . 0-i exp. 0~\ calc. ^de-vn.
Io« M . dm~"^ M.dm~*^ -1sec sec 1
021 0.0004 OoOOl 0.0073 0.0075 -4.0
022 0.0010 tt OoOl69 0.0174 ~3.3
023 0o0015 II 0,0286 0.0257 4-9.9-
024 0.0020 tl 0.0321 0.0339 ~5o7
025 0.0030 It 0*0482 0.0504 —4.6.
026 0o0040 ft 0.0704 0 <,0669 4-4 0 9
027 0.0050 It 0.0820 0.0834 -1.7
d m %  1sec 1
030 0.001 0.001- 0.0169 0.0179 -5.9 15c99
031 1! 0.002 0.0309 0.0313 —1 • 3 29.23
032 I 0.003 0.0469 0.0447 4-4.7 44.37
034 I 0.004 0.0579 0.0580 -0.2 54.78
035 1 0.0065 0.0909 0.0915 -0.8 86.56
Table 2(iv)
Experimental Results of Pseudo Eirst-order Rates of 
Pormation of the Propane-1?2-diol — Periodate Cyclic
Piester in Ammonium Buffers at pH 9.21 and 1°C
—4. —^
Total Periodate Concentration = 10 M.dm ^
Ionic Strength = 4 x 10~^ M.dm*"^
Run
Ho.
Piol Concn* 
M.dm"5
ITH.* Concn. 0 ^ exp. 
M*dm~^ sec*~^
0 ^ calc. 
sec*-1
fedevn
221 0,00049 0.00093 0.0521 0.0512 +1.7
222 0,000976 tt 0.0735 0.0784 -6.7
223 0.001464 tt 0.1051 0.1056 -0.5
224 0.001952 tt 0.1366 0.1328 +2C8
225 0.002928 tt 0.1903 0.1873 +1 • 6
226 0.003904 tt 0.2416 0.2417 +0.1
22? 0.004880 tt 0.2945 0.2966 -0.7
<3m%* -1 -1sec
230 0.001058 0.00093 0.0820 0.0819 +0.1 55.14
231 tt 0.00186 0.1370 0.1367 +0.2 92.13
232 tt 0*00279 0.1900 0.1915 -0.8 127.77
233 tt 0.00372 0.2484 0.2463 +0.8 167.05
234 tt Oo00465 0o3003 0.3011 -Oo 3 201o95
Table 2(v)
Experimental Results of Pseudo First-order Rates of 
Formation of the (-+)—Butane-2?3-diol — Periodate Cyclic 
Diester in Ammonium Buffers at pH 9*86 and 1°C.
Total Periodate Concentration
Ionic Strength
Run Diol Concn. Concn* 0 ^ exp» 0-^ calc. /^devn*
Ho* M . dm~~^  sec"'1 sec"1 dm%'~1sec~'1
041 0*001 OoOOl 0.00393 0.00405 - 2 . 6
042 0.002 it 0.00790 0.00795 -lo3
043 0*003 tt 0*01210 0.01862 ~5o4
044 0.004 tt 0.01575 0.01577 -0.1
045 0*005 tt 0.01981 0.01967 +0 * 5
046 0o006 tt 0*02340 0.02358 -0o9
050 0.001 0.001 0 . 0 0 3 9 3 0*00459 -16*8 3.79
051 tt 0.002 0*00614 0.00593 +3-4 5.92
052 tt 0.003 0.00798 0.00732 +8 . 2 7.70
053 if 0*004 0.00850 0*00868 -2.1 CO « ro 0
054 tt 0*005 0.01005 0.01005 0 e 0 9.70
055 tt 0*006 0.01164 0.01142 +1*9 11.23
056 n 0*010 0.01665 0.01688 -1.4 16.07
= 10 4 M.dm-3
= 10“2 M.cto-3
gable 2(vi)
Experimental Results of Pseudo Eirst-order Rates of 
Eormation of the (+)—Butane-2,3-diol - Periodate Cyclic 
Diester in Ammonium Buffers at pH 9*21 and 1°C.
Dotal Periodate Concentration = 10~^ M.dnT’^
Ionic Strength = 2 x 10~^ M.dnf"^
Run Diol Concno Concn♦ 0 ^  exp. 0 ^  calc. 0 d evn.
N O  Or Modm“5 M ♦ din sec-1 sec 1
241 0*0010 0.00095 0.0253 0.0252 +0.4
242 0.0025 i 0.0609 0.0590 +3.1
243 0.0050 ii 0.1114 0.1152 -3.4
244 0.0075 n 0.1730 0.1715 +0.9
243 0.0100 ii 0.2280 0.2277 +0.1
251 0.0010 0.00093 0.0227 0.0227 0,0 20.26
252 u 0.00186 0.0271 0,0271 0.0 24.19
253 t! 0.00279 0.0316 0.0315 +0,3 = 28.20
254 1! 0*00372 0*0357. 0.0359 -0.6 31.86
255 II 0.00465 0*0403 0.0402 +0.2 35.97
Experimental Results of Pseudo Eirst-order Rates of • 
Eormation of the meso-Butane-2,3-diol r- Periodate 
Cyclic Diester in .Ammonium Buffers at pH -9*21 and 1°C.
10-4 M.dm-3 
2 x X O “2 I.'ain
Run Biol Concn. RH^ Concn, 0 ^ exp. 0 ^  calc» f o d e v n . k
Ho. M*dm~5 -1sec sec 1
261 0,0010 0.00093 0.1188 0.1187 +0 e 1
262 0,0020 i i 0.1432 0.1371 +4.3
263 0,0025 it 0.1404 0.1463 -4.2
264 0,0050 »i 0.1963 0.1922 +2.1
265 .0,0075 ti 0.2289 0.2381 -4.0
266 0,0080 it 0.2462 0.2473 -0.4
267 0.0100 ti 0.2900 0.2840 +2.1
271 0,0010 0.00093 0,1125 0.1116 +0.8 17.39
272 »t 0.00106 0 * 1 2 9 9 0*1307 -0.6 20.09
273 it 0.00279 0.1490 0.1498 -0,5 23.04
274 it 0o00372 0*1694 0.1690 +0»2 26ol9
275 ti 0,00465 0ol885 0.1881 +0*2 29ol3
Total Periodate Concentration =
Ionic Strength =
gable 2(viii)
Experimental Results of Pseudo Pirst-order Rates of 
Formation of the meso—Butane~293~diol — Periodate 
Cyclic Piester in Ammonium Buffers at pH 9*86 and 1°C.
—4- —-STotal Periodate Concentration = 1 0  M.dm ^
Ionic Strength = 10 M.din*”^
Run Biol Concn. W d ^ Concn. 0 ^ exp, 0 ^ calc, ^devn,
Ho. M . dm~^ - M idm“  ^ sec’”'1* sec~**~ dxn%~~*~sec~**~
0 6 1 0 * 0 0 1 0 0 . 0 0 1 0 0 . 0 1 6 9 0 . 0 1 6 6 4 - 1 . 8
0 6 2 0 * 0 0 2 5 ' It 0 . 0 2 3 9 0 . 0 2 4 0 - 0 . 4
0 6 3 0 * 0 0 5 0 It 0 . 0 3 6 0 0 . 0 3 6 5 - 1 . 4
0 6 4 O . O O 75 It 0 . 0 4 9 2 0 . 0 4 8 9 + 0 . 6
0 6 5 0 . 0 1 0 0 M 0 . 0 6 1 4 0 . 0 6 1 4 OoO
0 7 0 0 . 0 1 0 0 0 . 0 0 0 2 5 0.0443 0 . 0 4 7 6 - 7 . 4 3 . 5 9
0 7 1 it 0 . 0 0 1 0 0 . 0 6 1 4 0 . 0 5 6 4 + 8 . 1 4 . 9 8
0 7 2 u 0 . 0 0 2 0 0 . 0 6 9 6 0 . 0 6 8 2 + 2 « 0 5 . 6 4
0 7 3 u 0 . 0 0 3 0 0 . 0 7 8 8 0 . 0 7 9 9 - 1 . 4 6 . 3 9
0 7 4 tt 0 . 0 0 5 0 0 . 0 9 9 9 0 . 1 0 3 4 - 3 . 5 8 . 1 0
0 7 5 it 0 . 0 0 7 0 0 . 1 2 7 6 0 . 1 2 6 9 + 0 , 6 1 0 . 3 5
0 7 6 it 0 . 0 1 0 0 0 . 1 6 3 1 0 . 1 6 2 2 + 0 . 6 1 3 . 2 3
Table 2(ix)
Experimental Results of Pseudo Eirst-order Rates of 
Eormation of the Phenylethane-1,2-diol - Periodate 
Cyclic Diester in Ammonium Buffers at pH 9.86 and 1°C.
—4- —^Total Periodate Concentration = 10 M.dm ^
_ p
Ionic-Strength = 10 Mi dm  ^.
Run Biol Concn. Concn. 0 ^ exp. 0 ^ calc, ^devn.
H o c M.dm ^ M.dm~v -1sec sec 1
181 0.001 0.001 0.0191 0.0195 —2.1
182 0.002 !t 0.0451 0*0426 +5.5
183 0.004 I! 0.0905 0.0888 +1.9
184 0.006 ft 0.1500 0.1351 -3.9
185 0.008 tt 0.1782 0.1813 -1.7
186 0.010 It 0.2320 0.2276 +1.9
191 0.001 0.001 0.0191 0.0202 -5.8 16.50
192 tt 0.002 0.0333 0.0344 -3*3 28.76
193 it 0.003 0.0518 0.0487 +6.0 44.74
194 1 0.004 0.0614 0.0630 -2.6 53.03
195 tt 0.005 0.0769 0.0772 -0.4 6’6.4 2
196 tt 0.006 0.0926 0.0915
CM• 79.98
197 it 0.008 0ol219 0.1201 +1.5 105.29
198 tt 0.010 0.1467 0.1486 -1.3 126.71
Experimental Results of Pseudo Pirst-order Rates of 
Eormation of the Phenylethane-192-diol - Periodate 
Cyclic Diester in Ammonium Buffers at pH 9.21 and 1°C.
—4.
Dotal Periodate Concentration ■= 1 0 ^  M.dm J  .
Ionic Strength = 2 x 10~^ Ivl.dnf"^
Run Diol Concn. HH  ^ Concn. 0 ^  exp. 0 ^  calc. /ode~vn. k^ 
lT°o M . dm~~^  M P sec~~^  sec"’’*' dm-%~~'^sec~^
381 0.0005 0.00093 0.0579 0.0555: +4.1
382 0.0010 tt 0.0898 0.0886 +1.3
383 0.0020 it 0.1503 0.1547 -2.9
384 0.0030 tt 0.2162 0.2208 —2.1
385 0.0040 tt 0.2994 .0.2869 +4 * 2
386 0.0050 tt 0.3400 0.3530 -3.8
387 0.0060 tt 0.4250 0.4191 +1.4
390 0.0010 0.00047 0.0547 0.0622 -1.4 4 0 . 8 3
391 ti 0.00093 0.0898 0.0891 +0.8 6 7 . 0 3
392 I! 0.0018b 0.1454 0.1433 +1.4 1 0 6 . 9 7
393 ft 0.00279 0.2019 0ol975 +2.2 1 5 0 . 7 2
394 tt 0.00372 0.2676 0.2518 +5.9 1 9 9 . 7 6
395 It 0.00465 Oo 2905 0.3060 •
1I 2 1 6 . 8 6
Values of k^, k^, and It Derived from plots of 0 j _ Against 
Diol Concentration at pH 9.86.
.k^  dnr% ^sec 1 k^ sec 1 K d m %  1
Ethane-15 2—diol 3 % 3 9  : 1.97 x 10~2 1702
Propane—1,2—diol 16.50 9.43 x 1CT4 17497
(+)-Butane-2,3-diol 3.91 1.42 x 10~4 27535
meso—Butane-2,3-diol 4.98 1.16 x 10~2 429
Phenyle thane-1,2—diol 23.12 3.65 x 10~3 6334
Table 2(xl:l)
Values of k^., and K  Derived from Plots of 0 j _ Against 
Biol Concentration at pH 9.21.
k^ d m s e c ^  k^ sec"^ K
Ethane -1,2—di ol —
Propane-1,2-diol 55.8 2.39 x 10~2 2331
(jh) -Butane -2,3-di ol 22.5 2.71 x 10~3 8294
me s o-Butane-2,3-di ol 18.4 1.00 x 10_1 183
Phenylethane-1,2—diol 66.1 2.24 x 10-2 2944
At 25°0 for propane diol, Buist and Bunton 
obtained a curved plot for ammonia catalysis, showing 
that under such conditions, cyclisation is only partly 
rate-limiting, since ammonia is a very potent catalyst in 
the process.
The expression governing the ammonia catalysis 
for the present work is. :
kf  = 1 ^ 3  [HH5] + (k f ) 0
where is the catalytic constant due to ammonia,
[BH^] is the concentration of ammonia in the huffer, and 
(k^)Q is the "unbuffered” rate constant for formation of 
the cyclic diester.
Also 0 ^  = k^ [B ] -h k^
= kf( [D] + K“X )
. . ^ / ( ' M  + K-1)
Substituting for k^ in the expression for ammonia 
catalysis :
0 X  = + (kf )0)( [D] + K _1)
Values of 0 ^  obtained experimentally were plotted against 
the respective ammonia concentrations, and k ® 3  and (k^)0
were calculated from the slope and Intercept of the plot
respectively; the value of K in the expression was taken
either from the plot of 0 ^  against diol concentration,
A n
or from the literature as appropriate0 Tables 2(xiii) 
and 2(xiv) list the rate constants derived from the 
nhuffern plots at pH 9*86 and 9.21 respectivelyc
Buist and Bunton were able to justify two 
assumptions regarding formation of diol-periodate esters 
in alkaline solution* Hirst, the monoester intermediate 
can only be formed by reaction of the diol .with periodate 
monoanions, and second, the monoanionic monoester is the 
only species whose cyclisation is appreciable* The general 
decrease in rates of formation of the cyclic diester with 
increasing pH supports this hypothesis. Prom this, the 
catalytic constant for ring closure of the monoanionic 
monoester could be calculated in the expression :
( k ® 1? ) -  =  1cM II3 ( 1  -i- K 2 f ~ / a H+ f 2 - )
mr
where 3k 5 is the measured catalytic constant for
ammonia, which is a function of pH and ionic strength,
BH —(k 5) is the catalytic constant for ring closure of the
— p —
monoanionic monoester, and f and f • are the activity 
coefficients for monoanions and dianions respectively,
calculated from the ionic strengths of the solutions by
6 °the Davies Equation
Table 2(xiii)
Catalytic and Unbuffered Rate Parameters Derived from 
Plots of jflj. Against Ammonia Concentration* (pH 9*86),
^ 5  am6.M~2>sec~1 (kj).. dm3 .M^sec-1
Ethane-1,2-diol 15711 ±  588 ■ 21.76 ± 2.53
Pr opane-1,2-diol 12647 ±  334 4.3 ±  1.27
(±) —Butane-2,3-diol 1518 ± 60 3.1 -±0.31
meso-Butane—2,3-diol 953 ±  31 3.6 ±  0.16
Phenylethane -1,2—di ol 12328 ±  194 5.08 ±  1.18
Table 2(xiv)
Catalytic and Unbuffered Rbte Parameters Derived from •
Plots of Against Ammonia Concentration* (pH 9*21) .
kM 3 dm6.M~2Bec~1 (k„) _ am^.M^seo"1
E thane -1,2—di ol — —
Propane-1,2—diol 39627. ±  359 18. 25 ± 1 . 1 1
(±) —Butane-2,3~di ol 4203 ± 37 16.37 ±  0.11
meso-Butane—2,3-diol 3181 ±  48 14.29 ±  0.15
Phenylethane-1,2-diol 43536 ±  2463 25.99 ±  6.95
ag+ is the hydrogen-ion activity'of the solution 
calculated, from the measured pH.
Values of (k^3)~ were calculated for the 
various diols at both pH*s. The results are given in 
fable 2(xv). The-‘two values are in good agreement, 
further supporting the theory put forward by Buist and 
Bunton that the mono anionic monoester is the only species 
whose cyclisation is appreciable in alkaline solution0 ■.
fable 2(xv)
Values of the Catalytic Constants for Cyclisation of 
the Monoanionic Monoesters of .Ethane-1,2-diol and its 
Methyl substituted .Derivatives due to Ammonia.
10 5(k^~3) d m %  2sec ^
pH 9.86 pH 9.21 mean $devn
Ethane-1,2-diol 13.68 13.68 —
Pr opane-1,2-diol 10.79 1 1 . 0 1 1 :0 . 9 0 1.0
(+)—Butane-2,3-diol 1.15 lol4 1.15 0o4
me s 0 -But ane-2 9 3~di 0 1 0.83 0.87 0.85 2.4
The catalytic constants permit a more 
detailed analysis of the mechanism of formation of the 
monoester and cyclic diester, formation of the monoester 
is presumably effected by concerted nucleophilic attack 
by a hydroxyl oxygen of the diol at the iodine, and
deprotonation of the hydroxyl group* In the case of 
propane-1,2-diol, the hydroxyl oxygen associated with 
the carton atom to which the methyl group is attached 
should have a higher electron density than the hydroxyl 
oxygen of ethane-1,2-diol, due to the normal inductive 
effect of the methyl group* Formation of the monoester 
should therefore occur through this oxygen atom as shown 
in the following scheme :
<2,1 I 2,
c h 3^-c - ^ o h  c h 3 - c — o — i o 4 h
I 107  > I
—C— OH —C — OH
I I
The electron density around the other hydroxyl 
oxygen should he slightly higher for ethane-1,2-diol than 
pr opane-1,2-diol, although the transmitted -hi effect of 
the methyl group through two carbon atoms is weak* Never - 
-theless, removal of the second hydroxyl hydrogen should 
he more difficult in the case of propane-1,2-diol than 
ethane-1,2-diol* This is consistent with the reduced 
catalytic constant for propane-1,2-diol*
In the case of (+)- and meso-hutane-2,3-diols, 
the second methyl group should increase the electron 
density at the second hydroxyl oxygen considerably,
resulting in a correspondingly large decrease in the 
catalytic constant* This is again consistent with the 
experimental data* The catalytic constant for cyclisation 
of the mesohutane-2,3 —diol monoester is lower than for the 
optically active isomer possibly due to the added effect 
of steric hindrance* The general inductive effects of the 
methyl substituent groups is most apparent in the sequence 
of stability constants of the cyclic diesters shown in 
Tables 2(xi) and 2(xii)•
The unbuffered rate constants for formation
of the cyclic diesters (k.f)0 also reduced with methyl
substitution of the diol, further supporting the ideas
described above* The monoester, formed via the oxygen
with the highest electron density, should result in a
greatly reduced value of for pr opane-1,2-diol compared
with ethane—1,2-diol, since cyclisation is the rate
limiting step in the process* A further substituent
methyl group on the other hand, as for the butane-2,3 -
diols should not decrease'the value of (k~) at alli o
significantly, due to the reduced inductive effect through 
two carbon atoms* This theory is totally consistent with 
the experimental data*
A complication encountered in the analysis * 
of the catalytic constants and unbuffered rate constants, 
is that these are .functions not only of the rate constants
for cyclisation of the monoester, hut alsoof the 
equilibrium-constant for formation of the monoester, 
an unknown quantity in the system* It can, however, 
be predicted that the equilibrium constants for 
formation of the monoesters of the simple methyl 
substituted ethane-1,2-diols should be comparable, and 
the cyclisation rate constants are so different, that 
the arguments expressed in this discussion are valid*
The results for phenylethane-l,2-diol are 
not easy to explain in comparison with the methyl- 
substituted ethane-1,2-diols* Since no conjugative 
effects are likely to be encountered, it is reasonable 
to suppose that the phenyl group will exert a -I effect 
on the system. The monoester should then be formed via 
the hydroxyl oxygen as far from the phenyl group as 
possible, so that cyclisation by buffer catalysis should 
be assisted by the electron withdrawl of this group* It 
cannot be concluded that the catalytic constants will be 
larger for phenylethane-1,2-diol system than for the 
unsubstituted system, since the equilibrium constant for 
formation of the monoester of the former must be quite 
different from those discussed previously. The catalytic 
constants for cyclisation of the phenyle thane-1,2-diol 
monoester are presented in Table 2(xvi).
The results for phenylethane-1,2—diol are. 
seen not to conform to any predictable sequence*
gable 2(xvi)
Values of the Catalytic Constants for Cyclisation of 
the Monoanionic Monoester of Phenylethane-1,2-diol
l c r f i P b ) -  a iA r ^ e c"1
pH 9*86 pH 9 >21 mean ?£devn
10.74 11.85 11.30 4.9
2.2.2.2
Phosphate Catalysis in the Formation of Diol- 
Periodate Cyclic Piestera.
It was possible to obtain values of only 
for phenylethane-!,2-diol in phosphate buffer at pH 8.06. 
Presumably, a combination of lower stability constants, 
faster rates of formation and decomposition of the cyclic 
diesters of the other diols contributed to difficulties 
of kinetic measurement. At all pH*s, however, the absor­
bance change accompanying the formation of the phenyl- 
ethane-1,2-diol cyclic diester was dramatically larger thai 
for the other diols* fhe ultra-violet spectra of the 
cyclic diesters are not well characterised, and the 
apparent uniqueness of this particular diester warrants 
further investigation.
The composition of the solutions and phosphate 
"buffers are described in the experimental section, and 
the results of kinetic experiments are listed in Tables 
2(xvii) to 2(xviii) . Equilibrium conditions were found 
not to hold, and values of 0 - ^  and were determined 
from consectutive kinetic runs as explained in the exper­
imental section* To evaluate k^, k^, and k^, "sum" and ■ 
'’product” plots of j S ^  and jZfg were drawn according to the 
procedure described previously. These plots are shown in 
Eigures 2(k) and 2(1), the data employed for the plots 
is listed in Table 2(xix)•
The values of the rate constants derived 
from the "sum" and "product" plots are listed below :
k^ = 49*04 dm^.M“1 .sec~1
k^ = 2.39 x 10~2 sec-1
k d = 3.56 x 10-;' sec-1
K = kfA-b = 2048 C!;:'5' r':”a
V kd = 6*7
The rather low ratio of the values of k^:k^ ' 
indicate the deviation from equilibrium. The result for 
K was used to calculate values of k^ at various phosphate 
concentrations, as given in Table 2(xviii).
Table 2(xvii)
Experimental Results of Pseudo Pirst-order Rates of 
Pormation of the Phenyle thane-1,2-diol - Periodate 
Cyclic Diester in Phosphate Buffer at pH 8 o06 and 1°C.
Total Periodate Concentration = 10~^
Ionic Strength = 4.5 x 10~^
Run
Ho.
Diol Concn.
M . .
B.Concn 
M »drrf*^
, ^  exp. 
-1sec
0 ^  calc. 
sec"”1
$devn .  _kf_
dm%L“^se
487 0.0005 0.0015 0.0562 0.0570 -1.4
488 0.0010 tt 0.0698 0.0705 -0.7
489 0.0015 tt 0.0898 0.0885 +1.7
490 0.0020 tt 0.1227 0.1211 +1. p
491 0.0050 tt 0.1684 0.1659 +1.5
492 Oo 00.40 tt 0.2212 0.2198 +0.6
495 0.0050 tt 0.2950 0.2886 -lo9
494 OoOOlO 0.0005 0.0482 0.0521 -7.5 55.87
495 0•0015 0.0698 0.0688 +1.5 51.95
496 1! Op 0050 0.0966 0.0959 +2.9 71.90
497 tt 0.0055 0.1547 0.1524 +1.7 100.25
498 tt 0.0075 0.1685 0.1695 -0.5 125.41
499 tt 0.0105 0.2182 0.2195 -0.6 162.40
Table 2(xviii)
Experimental Results of Pseudo Pirst-order Rates of 
Oxidation of Phenyle thane-1,2—diol in a Phosphate 
Buffer at pH 8.06 and 1°0.
10-4 M.dm-3 
4.5 x 10-2 M.dm-5 
0.015 M.dm-5
Hue Bi M.dm-5 Di-"*' d m % ~  0n exp. X/0O exp. X/0n calc; 
H o . seo~^ seo sec
481 0o0999 . 10.0 0.00541 295 o4 295.9
482 0.0099 101.0 0.00526 504o4 505.0
485 0.0049 204.0 0.00521 512.4 515.5
484 0.0024 415.6 0.00500 555.7 554.4
485 0o0014 709.2 0.00247 565.0 565.8
486 0o0009 1094.1 0.00249 401.8 402.5
Table 2(xlx)
Summary of Bata for "Sum1 and "product" Plots.
Total Periodate Concentration '=
Ionic Strength = 
Phosphate Bianion Concn =
D M .dm-5 0.0005 0.0010 0.0015 0.0020 0.0030 0.0040
0.. +  02 sec-1 ’ 0.0582 0.0724 0.0926 0.1256 0.1715 0.2244
102 0 X 0 2  sec-2 0.0114 0.0178 0.0250 0.0358 0.0517 0.0697
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Since phosphate dianion is known to he a much 
stronger catalyst than the monoanion, the small quantity 
of the latter in the buffer solution could be ignored, 
and a buffer plot of 0 - ^  against diahion concentration was
drawn, fhe catalytic constant was calculated from the plct
"z C  o  T
to be 11.3 x ICr dm .M .sec and the rate constant for
formation of the intermediate in "unbuffered" solution was 
3 —1 —i
29*35 dm .M .sec . As described previously, the 
catalytic constant for cyclisation of the monoanionic 
monoester was calculated to be 2.64 x 10^ dm^0M~^.sec~~^, 
showing that phosphate dianion is a much weaker catalyst 
than ammonia,(k®3)’"’ = 11*3 x 10^ dm^.M*”^.sec~k .
An attempt was made to determine catalytic 
and associated rate parameters from values of 0 ^  ^ow 
diol concentration and various buffer concentrations for 
diols where values of 0 ^  could not be measured. Values 
of 02 obtained were plotted against the respective buffer 
concentration, and a curve was obtained which tended 
toward an upper limiting value.
Hie upper limiting value at high buffer 
concentration is k 1, the rate constant for decomposition 
of the cyclic diester under "equilibrium” conditions.
how : k* ~ ~  0 2  = ^2^kd ~ ^ 2 ^ kb + kf W
Hearranging
kb + kf [H] = 0 2(kd - - 0 2 )
Substituting k^ = k^/k
kf([H] ■+ ir1 ) = ^ 2(kd - j02)/(k* - 0 2 )
But k^ ■ = (k^) o ■+ kS [B]
where k^ is the catalytic constant, and [b ]is the buffer 
c one entr ation.
ffiiua ((kf ) Q + kB [B] ) ( [d] + K _1) = 0 2( k d  -  0 2 ) (k* - 0 2 )
At the intercept, therefore, when [b] = 0, a value of 
(k^)Q can be calculated* Substitution of this value into 
the data at various buffer, concentrations should thereby 
yield a value of the catalytic constant. In practice, 
however, the experimental data was too inaccurate, the 
variation of 0 2 values was too small, for a best fit 
treatment of the results by computer. fhis data, for 
(±) -Butane-2,3-diol, and phenylethane—1,2-diol at pH 7o03 
is listed in fables 2(xx) and 2(xxi) 0 The approximate 
rate constants obtained from the method described above 
are shown in fable 2(xxii)0
Ho quantitative interpretation of these results 
has been attemptedc
Table 2(xx)
Experimental Results for the Variation of.the Rate of
Oxidation of (+-)~-Butane-2,3-diol, with Phosphate
Buffer Concentration*
r*„ ^
pH 8.06
Total Periodate Concentration = 10’ M.dm""3
Initial Biol Concentration = 10‘-5]\I.dm~3
Phosphate dianion
Ivi.dm~3 -1sec
0.0150 0.0035
0.0100 0.0031
0.0050 0,0030
0.0025 0.0028
0.0015 0.0025
Table 2(xxii)
Estimation of Reaction Parameters from the Variation
of 0o with Buffer Concentration.
Upper limiting value, the rate of decomposition of the 
(+)—Butane-2,3-diol cyclic diester = 0.0035 sec •
Estimate of (k^) when the buffer concentration isJL o
zero = 25 dm^jvl~1 <,sec'”‘1'
Table 2(xxi)
The variation of Pseudo Pirst-order Rates of Oxidation 
'of Phenyle thane-1,2-diol with Buffer Concentration 
at pH 7.05.
Phosphate di anion Concn 
M.auf5
0.01022 . 
0.00973 
0.00921 
0.00918 
0.00923
The results above show that the rates of oxidation 
vary only slightly over a considerable range of buffer 
concentrations.
Contributory factors to the small variation may be 
the relatively large equilibrium constant for- the 
formation of the phenylethane—1,2-diol intermediate, 
and the fact that phosphate is a weak catalyst of 
cyclisation compared with ammonia*
0.01875 
0.01250 
0.00625 
0.00438 
0.00250
02 sec 1
2*2.3 The Kinetics of Oxidation of the Polyols 
Glycerol and mesoerythritol. and the Related Diol, 
5-Methoxypr opane-1,2-diol by Periodate.
63Buist and Hogerson J  have inyestigated the 
kinetics of oxidation of glycerol and mesoerythritol 
by periodate oyer the complete pH. range. The presence 
of more than two oxidisable hydroxyl groups gives'rise 
to extremely complicated kinetics, since the products of 
the first oxidation, glycollic aldehyde and glycer- 
aldehyde respectively can he further oxidised by free 
periodate.
In general, the rates of oxidation of the 
aldehydes increase with increasing pH, and the reactions 
are subject to buffer catalysis.
At high pH, the rate of oxidation of the 
aldehyde is so fast, that decomposition of the polyol— 
periodate cyclic diester is the rate limiting step.
Buist and Roger son took account of the oxidation of the 
aldehyde in the estimation of the rate parameters for 
the oxidation of the polyol. They reported that the 
equilibrium constant's for formation of the polyol- 
periodate cyclic esters were large in alkaline solution, 
above pH 9 (40 000 for glycerol, and 150 000 for meso- 
erythritol. The ratio was very large for both
polyols at high pH, showing that the reactants are in
equilibrium with the complex•
2,2.3a
The Kinetics of Formation of the Cyclic- 
Diester Intermediates.
Using low periodate concentrations, therefore, 
in the present work, rate parameters for formation of the 
cyclic diester complexes of glycerol and mesoerythritol 
were determined at pH 9.86 and 9.21 in ammonium buffers.
In this way, there wasrreckoned to be no free periodate 
available for further oxidation, due to the large 
stability constants of the complexes* Values of 0 ^
determined as for the diols discussed previously are listed
in Tables 2(xxiii) to 2(xxvi). By the methods described 
in the previous discussion, catalytic constants of ring 
closure of the monoanionic monoesters were calculated*
These results are given in Table 2(xxvii).
Table 2(xx^ii)
. - i
Ammonia Catalytic Constants for Qyclisation of the Polyol 
Ivlonoanionic Monoester3 *
1 A"~5 ^ 6  •n/r~2 — 110  ^ (k 3) dm *M .sec
pH 9*86 pH 9*21 mean ^devn*
16*62 19.15- 17.89 7 oO
17.90 20.85 19 o 38 7.6
G-lycerol
1.1 e s o er y thr i t ol
Table 2(xxiii)
Experimental Results of Pseudo Pirst-order Rates of 
Pormation of the Glycerol'- Periodate Cyclic Diester 
in Ammonium Buffers at pH 9*86 and 1°C.
 4.
Total Periodate Concentration = 10 M.dm
Ionic Strength = 10~^ M.dm~^
Run Diol Concn. Concn. 0 ^  exp, 0 ^  calc, ^devn.
ilo. M.dm  ^ M.dnf"^ sec~~*~ sec~^ dm%~^sec~*^
341 0.00048 0.00093 0.0580 0.0532 +8.3
342 0.000956 n 0.1105 0.1137 -209
343 0o00191 1! 0.2303 0.2350 -2.0
344 0.00239 It 0.2946 0.2960 { 0 « U1
343 0.00287 II 0.3616 0.3570 +1 « 3
350 0.00098 0.00093 0.1271 0.1211 +4.7 ’126*03
351 it 0.00140 0.1654 0.1545 +6*6 164.04
352 tt 0.00186 0/1971 0.1871 +5.1 195.48
353 1 0.30279 0.1965 0.2530 -28.7 194.88
354 tt 0.00372 0.3400 0.3190 +6 • 2 337.20
353 1 0.00465 0.3935 0.3849 +2.2 390.26
Table '2(xxiv)
Experimental Results of Pseudo Pirst-order Rates of 
formation of the Glycerol - Periodate Cyclic Diester 
in Ammonium Buffers at pH 9*21 and 1°C.
Total Periodate Concentration
Ionic Strength
Run Biol Concn.-ML* Concn. exp. 0 ^ calc. $devn. -f- 
ITo. M.drn"”^  sec ^ sec~^‘ din%[ ~^ sec
141 0.0010 0.0010 0.0386 0.0341 +11.6
142 0.0020 u 0.0716 0.0693 + 3.2
143 0.0025 0.0782 .0.0869 —11.1
144 0.003 M 0.1007 0.1045 - 3.8
145 0.0040 0.1400 0.1397 + 0.2
146 0.0050 0.1841 0.1749 + 5.0
147 0.0060 0.2063 0.2102 - 1.9
151 0.0010 0.0010 0.0386 0.0354 + 8o3 37.37
152 ti 0.0020 • 0,0512 0.0552 - 7.8 49 0 56
153 t 0,0030 0.0752 0.0749 + 0o4 72.80
154 1! 0.0040 0.0933 0.0946 - 1.4 90.32
155 1? 0,0050 0.1160 0.1143 + 1.5 112.29
156 t? 0*0060 0.1340 Ool341 - 0.1 129.82
= 10~4 M * dm~^
= 4 x 10~2 M.dm~^
fable 2(xxy)
Experimental Results of Pseudo Pirst-order Rates of 
Pormation of the Erythritol — Periodate Cyclic Diester 
in Ammonium Buffers at pH 9*86 and l0Co
'* —4 —'3Total Periodate Concentration = 10 M.dm
—2 —3Ionic Strength = 10 m.dm
Run Diol Concn. IRU  Concn* ^  exp. ^  calc, ^devn.
Ho. M.dnf*^ M.dm"^ sec"1 sec"1 d n A ^ s e c " 1
1 6 1  ■/ 0 . 0 0 1 0 . 0 0 0 9 3 0 . 0 4 4 8 0 . 0 4 5 0 - 0 . 4
1 6 2 0 . 0 0 2 ii 0 . 0 8 7 9 0 . 0 8 9 7 — 2 . 0
1 6 3 0 . 0 0 3
it 0 . 1 3 5 0 0 . 1 3 4 3 + 0 . 5
1 6 4 0 . 0 0 4 ti 0 . 1 8 3 9 0 . 1 7 9 0 + 2 . 7
1 6 5 0 . 0 0 5
it 0 . 2 2 0 1 0 . 2 2 3 7 - 1 . 6
1 7 0 0 . 0 0 1 0 . 0 0 0 9 3 0 . 0 4 4 8 0 . 0 4 5 2 - 0 . 9 4 4 . 4 4
1 7 1
ii 0 . 0 0 1 7 3 0 . 0 6 2 2 0 . 0 6 1 8 + 0 . 6 6 1 . 7 1
1 7 2 ii 0 . 0 0 2 6 2 0 . 0 8 0 4 0 . 0 8 0 2 + 0 . 2 7 9 . 7 6
1 7 5 ii 0 . 0 0 3 7 3 0 . 1 0 3 2 0 . 1 0 3 2 0 . 0 1 0 2 . 3 8
1 7 4 it 0 . 0 0 5 2 1 0 . 1 3 3 8 0 . 1 3 3 9 - 0 . 1 1 3 2 . 7 4
Table 2(xxvi)
Experimental Results of Pseudo Pirst-order Rates of 
Eormation of the Erythritol - Periodate Cyclic Diester 
in Ammonium Buffers at pS 9.21 and 1°C.
—4. — ^
Total Periodate Concentration = 10 M.dm
Ionic Strength - 4 x 10~^ M.dm ^
Run Biol Concn. EBR Concn. 0 ^ exp. 0 ^  calc, ^devn. . k ^
Eo. M .d m ' M.dm sec sec-1 d m %  ^sec 1
370 0.0050 0.00093 0.0795 0.0758 +4.7 159.0
371 t! 0.00186 0.1088 0.1115 -2.5 217.6
372 It 0.00279 0.1432 0.1471 -3*4 286.4
373 tl 0.00372 0.1837 0.1827 +0.5 367*4
374 II 0.00465 0.2201 0.2183 +0.8 440.2
The rates, 0 ^  were high'enough, such that an investigation 
of the variation with erythritol concentration was not 
practicableo
These results, and those for (kf)0 are 
consistent with the hypothesis put forward for the 
methyl substituted e thane-1,2-diols. Consideration of 
glycerol indicates that the hydroxyl oxygen with the 
highest electron density to form the monoester, is one 
of the primary hydroxyl oxygens, so that catalysis of 
cyclisation is. assisted by the -I effect of the other 
hydroxyl group as shown in the mechanism scheme below :
i i
-c — o — 10; H -c— Ox _ ,
I f ^ I > 0=H NH +
- c - ^ -o - - h - - ;.n h 3 -------» - c — o
t  I
-C~>OH -C— OH
I I
As predicted, therefore,values of (k^.)Q and 
are larger for the polyols than for ethane-1,2-
It is relevant to note that there is no
evidence for the formation of a cyclic-1,3-diester with
6:5
glycerol. Burst and Bogerson observed no interaction
of propane-1,3-diol with, periodate, so that no cyclic- 
1,3-diester with glycerol would be expected^ There is 
also no definite evidence for the formation of a cyclic 
triester with polyols, and there would be considerable 
strain in such a complex.
( i B b r
diol.
2.o 2# 3* 2
She Kinetics of the Overall Reaction between
Periodate and Glycerol and its Analog 3-tfethoxypropane—
1$ 2—drol»
Buist and Roger Bon measured the overall pseudo 
first-order rate constant'3 of oxidation of glycerol in 
acid solutions at 1°C. She “reciprocal" plots of l/^2 
against the reciprocal dioi concentration were linear ,• 
but, due to the relatively large concentration of periodate * 
which had to be used (ICT"-* M#dm“~^), some correction due to 
the oxidation of glycollic aldehyde had to made. At pH '
4 to 5 ,  pseudo first-order rate constants decreased with • 
increasing glycerol concentration, and then increased 
again at higher gfycerol coneentration0 Shis phenomenon 
was interpreted as transition kinetics between that 
observed in acid and alkaline solution#
She reaction in acid solution was further 
investigated in the present work rising much lower 
periodate concentrations than the previous work, so that 
all the periodate would be present complexed with the 
glycerol, and no correction due to the oxidation of 
glycollic aldehyde would be necessary# She experimental 
results for pH 1 to 5 are listed in Sables 2(xxvii) to 
2(xxxii)#
At pH 4o95, the rate of oxidation increased 
with decreasing glycerol concentration, even with a total
Table 2(xxvii)
Experimental Results o£ Pseudo First-order Hates of
Oxidation of Glycerol at pH 1,09 and 1°C.
Run Ho, Eiol Concn* Recip Eiol Concn, 0 ^  l/lL
M« dm~^ . dm^.M"1 sec"1 sec
1600 0.1000 10 0.003125 320.0
1601 0.0200 50. 0.002523 396.4
1602 0.0100 100 0.001846 541.6
1603 0.0020 500 0.000692 1445.8
1604 0.0010 1000 0.000375 2666.7
Table 2(xxviii)
Experimental Results o f  Pseudo Eirst-order Rates of 
Oxidation o£ Glycerol at pH 1.3 and 1°C.
Pam lo. Eiol Concn. Recip Eiol Concn. 0 ^  1 / 0  r,
M. dm ^ dm5.M 1
- C. ■
sec"1
--- c r
sec
1605 0.0200 50 0.004744 210.8
1606 0.0100 100 0.004087 244.7
1607 0.0040 250 0.002955 541.0
1608 0.0020 500 6.001852 540.1
Table 2(xx.ix)
Experimental Results ol Pseudo Eirst-order Rates of
Oxidation of Glycerol at pH 2 and 1°C.
Run H o . Eiol Concn. Recip Eiol Concn. 1/0^
M.dm"^ dm^.M"1 sec"1 sec
1610 0.1000 10 Oo007212 138.7
1611 0.0200 50 0.006471 -154.5
1612 0.0100 100 0.005942 168.3
1613 0.0050 200 0.004472 223.6
1614 0.0020 500 0.002935 340.8
Table 2(xxx)
Experimental Results o f  Pseudo Eirst-order Rates o f  
Oxidation of Glycerol at pH 3 and 1°C.
Run Uo.. Eiol Concn. Recip Eiol Concn. 0 n  
M.dm"^ dm.Ivl"1 sec"1
1M 2-
sec
1615 0.1000 10 0.01065 93.9
1616 0.0200 50 0.01041 96.1
1617 0.0100 100 0.00909 110.0
1618 0.0050 200 0.00809 123.6
1619 0.0025 400 0.00655 152.7
Table 2(xxxi)
Results for the Oxidation of Glycerol at pH 4.95 
with Total Periodate Concentration 10"^ M.dm*"^
Eiol Concn. M.dm"'* 0 ^  sec"1
0.1000 0.00777
0.0100 0.00699
0.0010 0.00801.
- Table 2(xxxii)
Results for the Oxidation o f  Glycerol at pH 4.95 
with Total Periodate Concentration 1.25 x 10"^ M.dm"^
Diol Concn. M.dm 0 .-> seo
0.1000 0.00780
0i0100 0.00712
0.0010 0.00834
periodate.concentration of 1.25 x 10 ^ M.dm~^. Ho 
further analysis of these results was therefore possible.
At lower values of pH,.however, good linear 
“reciprQcal“plots were obtained as shown in Bigure 2(m), .
and the values of k^ and K obtained therefrom are listed 
in Table 2(xxxiii) together with‘ the results reported by 
Buist and Rogerson from their “reciprocal11 plots. In 
view of the 80—fold difference in periodate concentration 
employed in the two series of work, there is surprisingly 
little difference in the values of k^ and K. Even at pH 
of 1, the stability constant of the complex intermediate 
is large enough such that very little free periodate 
would be available for oxidation of the glycollic ald­
ehyde o Once again, no improvement on the results of 
Buist and Rogerson could be made, although the present 
work suggests that the corrections applied by the earlier 
workers may be overestimated.
The kinetic3 of oxidation of 3-ciethoxypropane— 
1,2—diol "were- investigated in acid solution to serve as 
comparison with glycerol, the two compounds being 
structurally similar, the diol, however, having no third 
oxidisable hydroxyl group. The values of are listed in 
Tables 2(xxxiv) to 2(xxxix).
G-ood linear “reciprocal11 plots were obtained 
from runs in the pH range 1 to 3, and at pH 4.95 in an 
acetate buffer c
Figure 2(m)
Reciprocal Plots for Glycerol 
Data in Acid Solutions3 0 0 -
pH 3
5 0 -
200 4 0 0 6 0 0 8 0 0
[D]  ^ dm^M
Table 2(xxxiii)
.Equilibrium Constants and Rates of Decomposition of
the G-lvcerol — Periodate Diester from Pate Data in
I , —  . - . . . . . . . . . U r f ,  , I I I  ■     . 1 ,  , ,  > ■ - - ■ ■ ■ ! ■          ■ —  » l   ■       ■ . I , I ■ .  I 1 1 *
Acid Solutions
Present Work : o,Temperature 1 C Per.Concn 1.25 x 10-5
pH V .1*09 1.30 2.00 3.00
tonic Strength M.dm 0.10 0.05 0.01 0.001
k. x 10^ sec"”*1* d 3*47 5.74 7.50 10.56
K d m ^OT1 121.9 174.2 319.3 655.3
Buist & Roger son : Temperature 0°C Per. Concn 10
pH 1.12 1*39 2'..11 2.46
—■5
Ionic Strength M.dm 0.099 0.049 0.101 0.033
k-, x 10^ sec"'**' d 4.35 5.26 6.80 7.09
K dm^ . i r 1 120 156 449 705
Table 2(xxxiv)
Experimental Results of Pseudo First-order Rates of
Oxidation of ^-Methoxypronane diol at pH 1.09 and 1°0.
Run Ho. Diol Conon. Recip Diol Conon. 0 _ 2 —  1/ffio 
M.dm~^ dirP .M~^ _sec~^ sec
1520 0.04-00 25 0.002000 500.0
1521 0.0100 100 0.001175 851.0
1522 0.004-0 250 0.000526 1902.8
1523 0.0020 500 0.000329 3035.1
Table 2(xxxv)
Experimental Results of Pseudo Eirst-order Rates of 
.Oxidation of 5^vlethoxypropane-l,2~diol at pH 1.3 and 1°C.
Run H o . M o l  Qoncn. Recip M o l  Concn. 0 - 2 —
M. flm~ ^ dm^.M~^ sec~^ sec
1525 0.04-00 25 0.003206 311.9
1526 0.0100 100 0.002221 450.3
1528 0.0040 250 0.001347 742.2
1530 0.0020 500 0.000846 1182.6
Experimental Results of Pseudo Pirst-order Rates of
Oxidation of 3-Methoxypropane-1, 2—diol at pH 2.
Run N o .' Diol Ooncn. Recip Diol Ooncn. ^ 2—
M.dm J  dm .M sec sec
154-0 0.0400 25 0.00602 166.0
1541 0.0100 100 0.00533 187.5
1542 0.0040 250 0.00457 219 oO
1543 0.0020 500 0.00362 275.9
Table 2(xxxvii)
Experimental Results of Pseudo Pirst-order Rates of 
Oxidation of 3~MetIioxTpropane~l ,2-diol at pH 3.
Run Ho. Diol Concn. Recip Diol Concn. l/0o
M . dm~~^  dm^.M""^  sec~^ sec
1545 0 . 0 4 0 0  • 25 0.00636 157.3
1546 OoOlOO 100 O 0 OO6 O4 165o7
1547 0.0040 250 0.00529 189.2
1548 0.0020 500 0.00434 230.2
Sable 2(xxxviii)
Experimental Results of Pseudo First-Order Rates of
Oxidation of 5-Methoxypropane—1,2—diol at pH 4.95* 
Unbuffered Solution.
Run Ho. Diol Concn. Recip Diol Concn. 0 2 —  i 0 0 - 2 -
l M.dm~^ dm^ sec~~~^  sec
1501 0.0200 50 0.005903 169.4
1502 OoOlOO 100 0.004919 203.3
1503 0.0067 150 0,004000 250.0
1504 0.0050 200 0.003256 307 ol
1505 0.0033 300 0.002182 458.3
1506 0.0025 400 0.001644 608.1
1507 0.0020 500 0.001259 794*2
Sable 2(xxxix)
Experimental Results of Pseudo Pirst-order Rates of 
Oxidation of 3~Meth.oxypropane~l,2~diol at pH 4.95* 
Buffered Solution.
Run Ho. Biol Concn. Recip Biol Concn.
M.dm-3 dm3„M-1
l 2 -  i^2- 
-1sec sec
1508 0.0200 50 0.005914 169.1
1509 0.0040 250 0.003922 255.0
1510 0.0025 . 400 0.003187 313.8
1511 0.0020 500 0.002706 369*5
At pH 4.95, however, in an unbuffered, solution, a 
curved ‘‘reciprocal" plot was observed. She "reciprocal" 
plots for this diol are shown in■ Figures 2(n) and 2(o). 
Values of k^ and K were calculated from the linear plots 
in the usual way. A special treatment was applied to 
the curved "reciprocal" plot.
As mentioned previously, the curved "reciprocal1 
plot corresponds to the state where the reactants and the 
complex intermediate are not in equilibrium. She 
experimentally determined pseudo firfct-order rate constants 
0 ^  fit the quadratic equation :
$2  -  02(kf[D] + kb + kd) + kdkf[D] = 0
She limiting second-order rate constant k s
is derived from the stationary state'approximation :
k = k k^/Ck. + k-,) s d 1 /  v b d '
Shus :
0%/ Ed] = + lcdKks/^2 “
Prom this relationship, values of 
were plotted against (h ~ l/l^l), f^om which a 
linear plot was obtained (Figure 2(p)). She limiting
second-order .rate constant lc was calculated from thes
reciprocal of the slope of the linear portion of the
t-igure 2(n)
Reciprocal Plots fo r the O xidation 
of 3-Methoxypropane-1,2-diol in 
Acid Solution
35-
3 0 -
25-
20 -
15-
10-
 ©■
100
[D]-1 dm^tvH
Figure 2(o)
Reciprocal Plots tor 3-Methoxy-
Propane-1,2-d io l at pH 4.95
9 0 0 “] 0 ~  sec
8 0 0 -
un buffered
buffered
1 0 0  2 0 0  3 0 0  4 0 0  5 0 0  6 0 0
00
H—
CL CL
vO
C l
O
10 00
Summary of Parameters obtained from the Oxidation 
of 3^etlioxypropane-l, 2—diol in Acid Solutions.
pH k^ sec""^  K flm^
1.09 0.00434-8 41
lo3 0.004995 102
2 0.006177 705
3 0*006605 956
4.95 0.0066577 437
from the reciprocal plot of buffered solutions
4.95 0.0066577 1167
from the special treatment of the curved 
reciprocal plot of unbuffered solutions.
For the complete reaction scheme depicted
54-in Figure 2(c), Buist and Bunton derived the following 
expressions :
K f((l + + f ~ K ^ f =aH4-)
((1 4- f t f agt)
((k- + kgagtf-/^) + f~kg£^/raH+)
((1 + f“aH+/K^) + K2fVaH+£=)
She fundamental constants in expressions (a) and (h) are 
defined in Figure 2(c) on page 113 of this thesis*
In acid solution, expression (b) simplifies to :
l A d = xA d +
where k~ is the rate constant for decomposition of the
i
monoanionic complex, and is the first acid dissociation 
constant of the cyclic diester „
Values of l/k^ were plotted againstfa^+j from 
which a straight line was obtained* She results and plot 
are shown in Sable 2(xxxxi) and Figure 2(q). k~ and
were calculated from the intercept and slope of the plot,
to be :
k~ =' 6.67 x 10-3 sec-1
Kk = 0.129 M.dm-3
(a) K =
Ob). kd =
Table 2(xxxxl)
The Variation of the. Rate constants lor lecomposition,
of the 3-Metho:xypropane~l, 2-diol — Periodate Diester „ 
with Hydrogen Ion Activity in Acid Solutions*
pH Ionic Strength _a^ +
Ivl« dm~~^ M .  M .d m ~ ^
1.09 0 o10 8 *13 -x 10~2 6*88 x 10~2 230 oO
lo30 0*05 5.00 x 10~2 4.38 x 10~2 200.2
2o00 o
 
■ 
* o H 1.00 x 10 2 0.90 x 10~2 161 o 9
3.00 0*001 loOO x 10~^ 0.97 x 10~3 151.4
4.95 0*0001 lol2 x 10~5 1.11 x 10"^ 150o2
sec
IO /
r 2  , -1 Figure 2(q)
2.5-
Plot Showing the  Varia tion of 
k > w ith Hydrogen - ion Activ ity
2.25-
2.0 -
1.75-
2 3 4 5 76
The equilibrium constant for formation of the complex
!
intermediate at pH 4o95 corresponds to K , the equil­
ibrium constant for formation of the monoanionic complex*
K 1 = 1167 dm3 .If1
The equilibrium constant for formation of the uncharged 
complex, K° = [Complex]/[h] [Per]
• o t— , t
K = K K1/K1 •
where is the apparent first ionization constant of 
periodic acid.
36.2 dm3 .!/!-1
Table 2(xxxxii) compares these constants with the equiv­
alent parameters in the oxidation of ethane—1,2-diol,/ 
and glycerol.
Prom Table 2(xxxxii) it can be seen that the 
parameters for glycerol and 3~methoxypropane-l,2-diol 
are remarkably similar,.and are significantly different 
from the results for ethane-1,2-diol. The similarity 
of these results, with consideration of the analogy drawn 
between the structures of the two substrates, offers 
evidence in support of. the methods adopted by Buist and 
Rogerson for the treatment of the glycerol data.
gable 2(xxxxii)
fundamental Parameters for the Periodate Oxidation of
Ethane-1,2-diol Glycerol 3-Methoxypropane-1,2— diol
2o2.4 The Kinetics of Oxidation of cis- and trans- 
Cyclohexane-1,2-diols by Periodate0
periodate oxidation of the cyclohexane—1,2-diol isomers
reased with increasing pH in the acid region, the cis 
isomer having a rate about 30 fold larger than the trans 
isomer. It was suggested that the hydroxyl groups of 
the cis isomer were more conveniently positioned than the 
trans isomer for the formation of a cyclic diester with 
periodateo
Ethane-1,2-diol at 0°C ^  „ Glycerol at. 1°C ^  and 
3-Methoxypr opane-lf 2-diol at 1°C«
0.0740 0.0825 0.1290
10 40 36.2
t
K
k'd
189
4.57 x 10~5
850 1167
7.37 x 10~3 6.67 x 10~3
64Price and Knell investigated the rates of
at 25°C. Ihey reported that the rates of oxidation dec
66Buist, Bunton, and Miles ^ carried out a 
more thorough study of the systems at 1°0, and demons­
trated that the stability constant of the trans cyclic
diester was in: fact greater than for the cis cyclic 
diester, although the rate of decomposition of the 
latter was much the larger.
*
In the present work, these studies have been 
further extended, since the earlier work did not provide 
sufficient data for a complete analysis of the oxid­
ations, particularly because ,,non-epuilibriumn conditions 
exist in the systems in acid solution. Moreover, it was 
intended that a useful comparison of the cyclohexane-1,2- 
diols and butane-2,3~diols could be undertaken with 
suitable data.
2.2.4.1
The Kinetics of formation of the Gyclie 
Diester Intermediates of Oxidation of the Gyclohexane 
—1,2-diol s. at high pH.
The rate constants for formation of the 
intermediates, 0 ^  were measured at pH’9.86 and 9<.21, 
and these results were plotted a3 for the other diols 
against diol concentration and ammonia concentration.
The experimental results are listed in Tables 2(xxxxiii) 
to 2(xxxxvij. . The rate and catalytic constants, together 
with equivalent results for the butane-2,3-diols, derived 
from the plots are given in Tables 2(xxxxvii) and 
2(xxxxviii). The catalytic constants for ammonia 
catalysis of ring closure of the monoanionic monoester 
were calculated as previously, and are listed in Table 
2(xxxxix).
Table 2(xxxxtii)
Experimental Results of Pseuso Pirst-order Rates of 
Formation of the cisCyclohexane—l,2-diol — Periodate 
Pies ter in Ammonium J3uffers at pH 9.86 and l°Co
Total Periodate Concentration
Ionic Strength
Run Piol Concn. 3RI^  Concn. 0 - ^ exp. 0 ^  calc, ^devn. k.
Ho. M.dm""3 M.dm J
-1
sec -1sec d
107 0.0015 0.0011 0.0160 0.0162 -1.3
108 0.0025 ti 0.0200 0.0195 +2.5
109 0.0045 i 0.0260 0.0262 -0.8
110 0.0075 n 0.0361 0.0362 -0.3
111 0.0100 u 0.0447 0.0458 -2.5
112 0.0100 0.0011 0.0173 0.0174 —0 • 6 lo 27
115 n 0.0022 . 0.0198- 0.0204 -3.0 1.45
114 it 0.0033 0.0244 0o0234 +4ol lo79
115 u 0.0055 0o0295 0.0295- OoO 2ol6
116 ii 0.0066 0o0322 0.0325 -0.9 2 o 3 6
117 it 0.0088 0.0384 0.0385 -0.3 2.83
118 ti 0.0110 ■ 0.0447 0.0446 +0.2
00C\J*
= 10-4 M.dm-5
= 10-2 M.dm-5
Table '2(xxxxiv)
Experimental Results of Pseudo Pirst-order Rates of 
Eormation of the cisCyclohexane—1,2—diol — Periodate 
Diester in Ammonium Puffers at pH 9o2l and 1°C.
Total Periodate Concentration
Ionic Strength
Run D i d  Concn, HTI^  Con on, 0 ^  exp. 0 ^  calc, /fcdevn,
Ho* M.dm~^ sec”"1 sec”1 drrAr^sec”1
307 0*0020 0.00093 0.0714 0.0698 +2.2
308 0.0040 11 0.0859 Go0877 —2.1
309 0.0060 u 0ol051 0.1055 -0.4
310 0.0080 . 11 0.1232 0.1233 -0.1
311 0.0100 11 0.1419 0.1412 +0.5
312 0.0010 0.00093 . 0,0421 0o0425 -1.0 6.5*6
313 11 0.00186 0.0471 0 00470 +0.2 7.34
314 M 0.00279 0.0527 0.0515 +2.3 CO • ro ro
315 I 0.00372 0.0549 0.0559 -1.8 8.56
316 I 0.00465 0.0605 0.0604 +0.2 9.43
= 10-4 M.am-5
= 4 x  10-2 M.dm-3
gable 2(xxxxv)
Experimental Results of Pseudo Pirst-order-Rates of 
Eormation of the transQyclohexane—l, 2—diol- —. Periodate 
Diester in .Ammonium Buffers at pH 9.86 and 1°C.
Total Periodate Concentration
Ionic .Strength
Run Bio3, Concn. HIL, Concn-, 0 - ^  exp, 0 1 calc, gdovn.
H o .  M .d n f" ^  M .d r r f*^  ' s e c " ^  see"*^* d m ^ M ~ ^ s e e ” ^
121 0.0020 0.0011 0.0113 0.0120 -6.2
122 0.0025 1 0.0134 0.0144 -7.5
123 0.0040 I 0.0221 0.0214 +3*2
124 0.0050 I 0.0262 0.0262 OoO
125 0.0060 1 0.0329 0.0309 +6.1
126 0.0080 I 0.0407 0.0403 -0.7
127 0.0100 I! 0 o0484 0.0498 -2.9
130 0.0010 0.0011 0.0065 0.0065 0.0 4.22
132 ii 0.0027 0.0121 0.0141 -16.5 7.85
133 ii 0.0037 0.0145 0.0145 0.0 9.41
134 H 0.0055 0.0193 0.0201 -4.1 12.53
135 ii 0.0077 0.0264 0.0269 -1.9 17.14
138 it 0.0110 0.0377 0.0371 +1.6 24.47
= 10 4 M.etaT3
= 10~2 M.cta-5
Table 2(xxxxvi)
Experimental Results of Pseudo First-order Rates of 
Formation of the trensCyclohexane-1,2-diol - Periodate 
Bi.ester in Ammonium Buffers at pH 9.21 and 1 ° C . ____
-4- —3Total Periodate Concentration = 10 M.dm
—2 —SIonic .Strength = 4 x 10 M.dm
Run Biol Concn. HH  ^ Concn. 0 j  exp. 0 ^  calc, ^devn.
lOo Modm~^ M.dm  ^ sec”^ sec~^ dm^M 'yec ^
3 2 1 0 . 0 0 0 5 0 o 0 0 0 9 3 0 . 0 1 9 3 0 . 0 2 1 4 - 1 0  0 9
3 2 2 0.0010 1 0 o 0 2 6 8 0 . 0 2 7 5 — 2 0 6
3 2 3 . 0 . 0 0 2 0
11 0 . 0 4 3 0 0 o 0 3 9 8 + 7 . 4
3 2 4 0.0030 1 0 o 0 5 2 3 0.0520 + 0 . 6
3 2 5  ■ 0.0040 11 0 . 0 6 6 0 0 . 0 6 4 3 + 2 . 6
326 0.0050 ti 0 . 0 7 4 0 0 . 0 7 6 5 - 3 . 4
3 3 0 0.0010 0 . 0 0 0 9 3 0 . 0 3 3 5 0 . 0 3 5 2 - 5 . 1 1 4 . 9 3
3 3 1 t! 0 . 0 0 1 8 6 0 . 0 5 4 6 0 . 0 5 1 7 + 5 . 3 2 4 . 3 4  .
3 3 2 II 0 . 0 0 2 7 9 0.0658 0 . 0 6 8 1 - 3 . 5 2 9 . 3 3
3 3 3 II 0 . 0 0 3 7 2 0 . 0 8 7 3 0 . 0 8 4 5 + 3 . 2 3 8 . 9 2
3 3 4 If 0 . 0 0 4 6 5 0 . 0 9 9 3 0.1001 - 0 . 8 4 4 . 6 2
Table 2(xxxxvif)
Fundamental Rate Constants derived from the Pseudo
First-Order Rates, 0^,' at pH 9.86.
j i l . lift,- Jiblo-
d m % “'2sec~"1 diiA^sec""1 sec"1
cis—Cyclohexane-1,2-diol 202 1.05 3.52 x 10"“^
trans—Cyclohexane-1,2-diol 2011 1.98 1.07 x 10"^
meso—Butane-2,5-diol 955 3o6 8.39 x 10"^
(+)-Butane-2,3-diol 1318 3ol 1.13 x 10~4
Table 2(xxxxviii)
Fundamental Rate Constants derived from the Pseudo 
First-Order Rates. 0 ^ 9 at pH 9.21.
j l V  h d o _
£ o _*i ^ n i
dmPMysec dm M sec ^ sec
cis-Cyclohexane-1,2-diol 748
trans-Cyclohexane-1,2-diol 7876
meso-Butane-2,3-diol 3181 14.29 7.81 x 10~2
(+)-Butane-2,3-diol 4203 16.37 2.05 x 10“3
5.94 3.47 x 10-2
8.39 1.04 x 10"2
gable 2(xxxxix)
Values of the ammonia Catalytic Constants for Cyclisation 
of the, Monoanionic Monoesters of the Qyclohexane—1,2— 
diols, and Butane-2,5-diols.
am^i^seo-1
pH 9 .86 pH 9.21 Mean- T&Devn.
cisOyclohexane-l, 2-diol .0.18 0.20 0.19 10.5
trans » " " 1<>75 2*14 1.95 20.1
me s oBut ane -2,5-di ol 0.85 0.87 0<,85 4o7
(+) n ” " lol5 1.14 1.15 0o9
gbe equilibrium constants for formation of 
the intermediates, vary in much the same way as the butane 
—2,3—diols, steric hindrance presumably playing a large, 
role in this.
ghe optically active butane-2,3-diol, which 
is structurally equivalent to a trans isomer, can form 
a cyclic intermediate with both methyl groups in the 
unhindered or ’'free11 positions,(see Figure 2(d)), where­
as the meso isomer, equivalent to cis, must have one 
methyl group in a hindered position0
Figure 2(r) shows models of the cyclic
intermediates of the cyclohexane-1,2—diols. It is
reasonable to assume thet "chair" conformation for the
cyclohexane ring, since this is energetically pre- 
66ferable , from which it is clear that some steric 
hindrance is inevitable . ini the cis complex. This 
arises from the fact that one of the cis hydroxyl groups 
must occupy an axial position, whereas for the trans 
Isomer, both hydroxyl groups can occupy an equatorial 
■position.
The cis isomer, therefore, has an axial- 
equatorial conformation, and the tr ans isomer an equa­
torial-equatorial conformation, and the interatomic
o
distance between hydroxyl groups is 2.86 A for both,
which is close to the distance between oxygen atoms in
o
the octahedral orth/operiodate dianion (2,73 A). Both 
diols, thus, can form cyclic diesters with periodate 
through a puckered, but relatively strain-free five 
membered ring.
The difference in stereochemistries of the 
isomers of cyclohexane—1,2-diol and butane-2,3~diol 
manifests itself particularly in the relative values 
of the reverse rate constant in the equilibrium (k^)Q. 
The forward rate constants (k^)0 remarkably similar, 
for all the diols, while (k^) .for the hindered cis
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cyclohexane-1,2-diol and meso-Butane-2,5-diol are 35 
and 80 fold larger than the equivalent trans isomers 
respectively
Very little addition information can he 
gained from the catalytic constants, hut it is useful 
to note that the values presented in Table 2(xxxxix) 
conform to the general trend discussed previously*
2*2.4.2
The Kinetics of the Overall Oxidation of 
the Cyclohexane-1,2-diols.
The pseudo first-order rates of oxidation,
0 ^  were measured for the reaction of cis- and trans- 
cyclohexane—1,2-diols in acid solutions, and in acetate 
buffer at pH 4*95. The results are presented in Tables 
2(L) to 2(Bxi). G-ood reciprocal plots were obtained . 
from these results at all values of pH employed,
(Figures 2(s) and 2(t)), from which the equilibrium 
constant for formation, and rate constant for decompos­
ition of the cyclic diester intermediates were calculated. 
The values obtained are listed in Tables 2(Lxii) and 
2(Lxiii).
As demonstrated at the start of this dis­
cussion, linearity of a reciprocal plot from the exp­
erimental values of 0 O  is not necessarily indicative
65of equilibrium conditions. Buist, Bunton, and Miles
Pseudo First-order Rates of Oxidation of cis-Cyclohexane
—1,2-diol in unbuffered solution at pH 1.09.
Rim No. Diol Con bn, Pea ip 1)1 ol Concn.
"5 -1 —1Iff, dm dm .M sec . sec
881 0.1000 10. 0.02433 41.1
882 0.0200 5° 0.01528 75*3
883 0.0100 100 0.00735 136.0
884 0.0040 250 0.00377 265.3
885 0.0017 600 0.00159 630.7
886 0.0010 1000 0.00097 1029*2
Table 2(Li)
Pseudo ffirst—order Rates of Oxidation of trans-Cyclohexane 
—1,2—diol in unbuffered solution at pH 1,09.
Run Rio, Diol Concn.f .:Recip Diol Concn.
M.dm ^
HltrH
K\^
----- —
sec"**1' sec
891 0.1000 10 0.003920 255*1
892 0.0200 50 0.001450 688.0
893 0.0100 ■ 100 ' 0.000775 1290.1
894 0.0040 250 0.000343 2911.7
895 0.0015 667 0.000134 7449.0
896 0.0010 1000 0.000089 11277 * 2
Table 2(1.11)
Pseudo First-order Rates of Oxidation of cis-Cyclohexane
-I,2-diol in unbuffered solution at pH 1,5'
Run No. Diol Concn. Reclp Diol Goncn. $ - 2 —  i/ 0 n
M.dnr5 dm^ sec 1 sec
900 0.1000 10 0.04854 20.6
901 0.0200 50 0.02222 45.0
902 0.0100 100 0.015889 72.0
903 0.0040 250 0.00662 151.1
904 0.0017 600 0.00275 363.0
905 0.0010 1000 0.00171 585o3
Table 2(Liii)
Pseudo Pirst-order Rates oP Oxidation of trans-Cyclohexane 
—1,2—diol in unbuffered solution at pH 1.5. ‘
Run Ro. Diol Goncn. Recip Diol Concn. & 2 —  l/0o
'3M.dm
-1. sec sec
906 0.1000 10 0.00517 193.6
907 0.0200 50 0.00250 400.0
908 0.0100 100 0.00150 667.2
909 0.0040 250 0.00056 1773.0
910 0.0020 500 0.00031 3221.6
911 0.0010 1000 0.00016 6344«4
Table 2(Liv)
Pseudo Pirst-order Rates of Oxidation of cis-Cyclolaexane
—1,2-diol in unbuffered solution at pH 2.
Run Ro* .Diol Concn. Recip Diol Concn,
1 H o -
M.dm — a m ^ r 1 sec 1 sec
915 0 . 1 0 0 0 1 0 0 . 1 0 2 0 9 0 8
9 1 6 0 . 0 2 0 0 50 0 . 0 8 4 0 11.9
917 0 . 0 1 0 0 1 0 0 0.0392 25 0 5
9 1 8 0 . 0 0 4 0 2 5 0 0o0172 58.1.
919 0.0017 600 0.0086 . 116.9
920 0 . 0 0 1 0 1 0 0 0 0.0050 199.5
Table 2(I.v)
Pseudo Pirst-Order Rates of Oxidation of trans-GA^cloliexane 
—1,2-diol in unbuffered solution at pH 2.
1
0
! r~r -n
dmiiMT sec-1
c,
sec
925 0 . 1 0 0 0 1 0 0.00988 1 0 1 0  2
9 2 6 0 . 0 2 0 0 5 0 0.00472. '211.7
927 OoOlOO 1 0 0 0.00265' 5 1 1  o O
928 0 . 0 0 4 0 250 0.00124 806.1
929 0 . 0 0 1 5 667 0.00045 2205.6
950 0.0010 1000 0 o00051 5220.1
Pseudo First-Order Rates of Oxidation of cis-Cyclohexane
-1,2—diol in unbuffered, solution at pH 3.
Run Ho, -Diol Concn, Recip Diol Concn, JZjv,. ill-.
la. dm J dni^  #M 1 sec*”1 sec
931 0.1000 10 —
932 0.0200 5 0 — —
933 0.0100 100 0.2174 4*6
934 0.0040 2 5 0 0.1020 9 0 8
,935 0o0017 600 O.O3 7 O 27.1
936 0.0010 1000 0 . 0 3 3 3 3 0 . 0
gable 2(Lvii)
Pseudo Pirst-Order Rates of Oxidation of trans-Cvclohexsne
-1,2—diol in unbuffered solution at pH 3
Run II o. Diol Goncn, Recip Diol Concn, ^2—  i/i^o
*3la, dm dm^.M 1
-1
sec sec
940 0.1000 10 0.0105 52.5
941 0.0200 5 0 0.01621 61.7
942 0.0100 100 0o00966 103.5
943 0 . 0 0 4 0 2 5 0 Oo00286 350.0
944 0 . 0 0 1 5 667 0.00114 877.1
945 0.0010 1000 0.00086 1166.9
Pseudo First-order Rates of Oxidation of cis—Cyclohexane
1-, 2—diol in unbuffered solution at pH 4.95o
Run Ro, Piol Concno Recip Piol Concn. 0 0 V / n
' M.dirr5 dm^.WT1 -1sec
c.
sec
1000 C',1000 • 10 — —
1001 0.0200 50 0.1515 6.6
1002 0.0100 100 0.0840 11.9
1003 0.0040 250 0.04-00 25.0
1004 0.0017 600 0.0178 56.3
1005 0.0010 1000 0.0108 92.3
ffalle 2(Lix)
Pseudo Pirst-order Rates op Oxidation of trans-Cyclohexane 
—1,2—diol in unbuffered solution at pH 4<>95o
Run lo. Piol Concn. Recip Piol Concn# 1/0 ^
—^ ^ —1 —*1
M.dm J  dm .M sec sec
1006 0.1000 10. 0.02033 49 i 2
1007 0.0200 50 0.02045 48.9
1008 0.0100 100 0.01285 77.8
1009 0.0040 250 0.00662 151.0
1010 0.0020 500 0.00397 252.2
1011 0.0010 1000 0.00156 641.1
Pseudo Pirst-Order Rates of Oxidation off cis—Cyclohexane
—1,2—diol in Acetate Buffer at pH 4.95 o
Hun l o , Piol Con on. Recip Piol Concn, jZL 1 / 0  p
7- * -3.in. dm drn^M-1
c.
-1sec sec
1015 0,1000 10 0.2778 3-60
1016 0,0200 50 0.1667 6.00
1017 0.0100 100 0.1349 7.41
1018 0.0020 500 0.0334 29.92
1019 0.0010 1000 ' 0.01747 57*23
Talle 2(Lxi)
Pseudo First-order Rates of Oxidation of trans-Cyclohexane 
—1,2—diol in Acetate Buffex at pH 4.95.
Hun Ho, Piol Goncn. Recip Piol Goncn, 0 ^  l / 0 n
-3M.dm am3.!.!-1 seo sec
1020 0.1000 10 0.01689 59.2
1021 0.0200 50 0.01295 77.2
1022 0.0100 100 0.00967 103.4
1023 0.0020 500 0.00306 326.7
1024 OoOOlO 1000 0.00161 622.2
I Figure 2(s)
( -2 -1 
1 0  0 2  sec
Reciprocal - Plots 
cisCyclohexane -1.2 - diol 
Unbuffered Solutions
500 1000
Figure 2(t)
10 - Reciprocal Plots 
trans.Cyclohexane -1,2-d io l 
Unbuffered Solutions
7-
4 -
4.95
Summary of Data for the Oxidation ox cis-Qyelohexane 
—1,2-diol in Acid Solutions.
Ionic Strength.
IvI.dm""^
0,100 1.09 6*38 x 10 2 29 0.034 29.4
0.050 1.30 4.12 x 10~2 32 0.055 18.2
0.010 2.00 0.90 x 10~2 40 0.131 7.6
OoOOI • 3 a 00 0.97 x 10“5 46 0ol71 1.3
■'St*1oH
4.95 1.12 x 10~5 29 0.370 2.7
H o 4.95 7.84 x 10~6 47 0.390 2.6
Iable 2(Lxiii)
Summary of Data for the Oxidation of trans—Cyclohexane 
—1,2—diol in Acid Solutions#
Ionic Strength pE
M. dm ' lil.d m ~ J  d m % ~ ^  , sec~~^  sec
aT^ -f 
M . dm-3
K
d m % -1
— a —
sec"-1
i A .
sec
0.100 1.09 6.38 x 10 2 18 0.00501 199.56
0.050 1.30 4ol2 x 10”*2 24 0.00661 151.23
0.010 2o00 0.90 x 10~2 26 0.001196 83 • 63
0.001 3.00 0.97 x 10~5 40 0.02217 45.11
H O
1 -f* 4.95 1.12 x 10~5 80 0.02110 47.39
H O
1 H
4.95 7.84 x 10~6 87 0.02030 49.26
s = Acetate Buffer,
compared results of k^K from reciprocal plots with the 
limiting second-order rate constant for the oxidation 
of the cyclohexane-l,2-diols in acid solution, and the 
relative disagreement of these constants demonstrated 
the deviation from equilibrium for both diols over the 
complete acid range of pH.
Further evidence for the "non-equilibrium” 
state is the difference between the results at pH 4.95 
in buffered and unbuffered solution. Acetate ions 
catalyse both the forward and back reactions of the 
formation of the intermediate, thus increasing the ratio 
k^rk^, so that the system is nearer to the equilibrium 
state in the buffered solution,, nevertheless, acetate 
has been shown only to weakly catalyse the reaction, 
compared with phosphate or. ammonia, so that the value of 
K obtained from the reciprocal plot is not necessarily 
the true equilibrium constant.
Fortunately, the values of k^ derived from 
the reciprocal plots could be used to calculate k^ , 
the rate constant for decomposition of the monoanionic 
intermediate, since it is the slope rather than, the 
intercept of the reciprocal plot that is affected by the 
non-equilibrium state. As with the other diols considered 
therefore, the relationship :
l/k^ = l/k~ + f""a^f'/K^kT was applied, a plot of
l/k^ against yielding values for k~ and K^, the
first acid dissociation constant of the cyclic diester0
The results for cis- and trans-cyclohexane-1,2-diols
are given in Table 2(Lxiv) together with values from the 
4 .7
literature ( for the butane-2,3-diols*
Reference to the apparent values of the
equilibrium constants in Tables 2(lxii)^ and 2(Lxiii)
shows that the decrease in the values at pH higher
than 2 is probably due to considerable deviation from
equilibrium conditions* This is particularly marked
for the results of the oxidation of the cis isomer*
61Previous work by Buist and Bunton demonstrated that 
the ratio k^:k^ is greatest at very high pH for the. 
acid pH range, so that the results at pH 1.09 probably 
deviate less from the equilibrium state than the other 
results* With this in mind, no graphical evaluation of 
the data was attempted, but rather the fundamental 
equilibrium constants were calculated from the expression
K = K g K ’ -K)/f“aH+ + K'L/K'
using the equilibrium constant measured from the recip­
rocal plot at pH 1.09* f~ was calculated as before from 
the Davies equation , a value for , the. apparent 
first dissociation constant of periodic acid was found 
in the literature. r at the required ionic strength,
i
and was obtained from Table 2(lxiv)o Hence,. K T , the
equilibrium constant for formation of the monoanionic 
intermediate could be calculated* Using the calculated 
value of K T , values of K were calculated for the other 
pH!s involved, and these calculated values are compared 
with the results from the reciprocal plots in fable 
2(lxv),
Using the values of K 1 thus determined, 
values of E°, the equilibrium constant for formation 
of the uncharged diester could be derived using the 
relationship:
K° = K'
fable 2(lxiv) summarises the fundamental 
constants calculated in this work, together with values 
reported in the literature for the butane-2,3—diols0
fhe rate constants for decomposition of the 
cyclohexane-1,2—diol monoanionio intermediates , confirm 
the gener al stabilities of the intermediates, the cis 
complex decomposing to reactants or products much faster 
than the trans complex, for the butane-2,3-diols, however, 
the values of k~ are of the same order of magnitude; that 
for the optically active isomer being, is anything slightly 
the greater. It is, therefore, only possible to surmise 
that the less stable moso intermediate decomposes equally 
easily to reactants or products, whereas the decompos­
ition of the optically active intermediate to reactants
g
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Table 2 (Lxy)
Comparison of Values of K from ’’Reciprocal” Plots and
from Calculation Based on the Results at pH 1.09.
ciscyclohexane-l,2—diol K ! = 53.19
P£
r 
w M
h—
rS 
1 
«
 
H
K calc 
d m % _1
f o & e v n
1.09 33.00 33.00 —
1.30 33.98 33.62 + lo07
2o00 38 c 10 37.98 4* 0op2
3.00 37.71 48.70 — 22.57
4.95 35.40 53.19 -33.45 (unbuffere
4.95 46.38 53.19 —12c80 (buffered)
... ... ...J
transcyclohexane—1,2-diol K* =84.01
pH K exp K calc ^deyn
I m V 1
1.09 18.05 18.05 -
1.30 18.96 20.00 - 5*2.
2.00 33.70 34.23 - 1.5
3.00 65.50 82.19 -20.3
4.95 63.83 34.01 -18.07 (unbuffered)
4.95 80.86 84.01 - 3.7 (buffered)
............ , 1
is so unfavouable as to result in the higher—than— 
expected value of k~c
The acid dissociation constants of the 
complexes of all the four diols under consideration here 
are of the same order of magnitude, and their values . 
compared with that for ethane-1,2-diol are totally 
compatible with the normal inductive effect of alkyl 
groups.
In general, the stability constants of the 
complexes are greater for the trans isomers than for the 
cis isomers. The values of K° for the cyclohexane diols 
do not conform to the general trend, but experimental 
errors may contribute to this. The values of K°, E* , 
and K ” are all much greater for the optically active 
butane-2,3-diol than for the analogous trans cyclohexane 
—1,2—diol, and this effect is presumably due to the 
regldity of the structure of the latter complex,. being 
a fused ring structure, and this would inevitably give 
rise to some strain or steric interference.
2.3 EXPERBTEETA.L
2.3.1 Reagents and Materials
As described in the previous experimental 
section (1*3.1)? sources of periodate in acid and alk­
aline solutions were sodium metaperiodate and the dimeric
salt L L O n respectively.
4 c. y
Similarly, hydrochloric acid and potassium 
hydroxide were used to adjust the pH of solutions? and 
sodium or potassium chloride to correct the ionic strength 
of acid and alkaline solutions respectively.
Reagents for buffer solutions were of 
AnalaR grade, and were used without further purification*
Most of the diols employed in the present 
kinetic work were available commercially as AnalaR 
grade reagents. Rue to their deliquescent-nature, all
samples were stored over a P o0r dessicant.
2 a
Ethane-1,2-diol, Propane—1,2-diol, Phenyl- . 
e thane-1,2-diol, Glycerol, me a  oEr ythr it ol and 3-Methoxy- 
Propane-1,2-diol were employed without further purif­
ication. A  gas chromatographic assay of all samples was 
carried out, giving a minimum purity of the commercial 
products of 99/o. figures 2(u) and 2(v) are examples of 
some chromatograms obtained.
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Hie cyclohexane-l,2-diols were available 
eitlier as the trans isomer (95$) or a cis-trans mixture 
of technical grade, (proportions 60:40 approximately)*
A pure sample of the trans isomer was prepared by two 
recrystallisations of the 95$ sample from tetrachloro- 
methane. She cis isomer was isolated from the cis-trans 
mixture by fractional crystallisation from tetrachloro- 
methane. The isomers were differentitaed by gas— 
chromatography.
The butane-2,3~diols were only obtainable 
as a mixture of the optically active and meso isomers, 
commercial samples having variable composition.
Separation by fractional distillation is possible, but 
this procedure was avoided by the use of preparative 
gas chromatography. .Figure 2(w) shows the conditions for 
this preparation, and an example of a chromatogram. 
Separation was efficient, and provided very pure samples.
2.3.2 Apparatus and Instrumentation
2.3.2.1
Spectrophotometer and Associated Equipment.
An SP 1800 ultra-violet and visible record­
ing spectrophotometer was employed for all the kinetic 
work described; in this section of the thesis.
Figure 2(w)
Conditions for the G-as-Chr omatographic Separation 
of the Isomers of Butane-2,3-diol.
Instrument
Sample
Solution^.
Column
Support
Mesh
Carrier G-as 
Inlet Pressure 
Rate
Chart Speed 
Detector 
Sensitivity 
Hydrogen : Air 
Column Initial 
Column Pinal
Pye 105 Prep.
Butane—2,3-diol (70$ (+) 30$ 
25$ in ethanol 
7* PcE.Gr.
20$ on 6-.Cell.
44 - 60 
Hitrogen 
25 p.s.i.g.
181 cm^*inin~1 
10 "h-1
Flame Ionisation 
1 x 102 
40 : 300 
110 ,
110
meso
Kinetic runs were followed directly within 
the spectrophotometer cell (silica of path length 10mm) 
at a suitable analytical wavelength (usually around 
222.5 nm) and at 1°C.
Thermostatting of the cell and contents was 
achieved by water flow from a refrigerated water bath 
through the cell block, which was housed in an insulat­
ing expanded polystyrene Jacket to improve the efficiency 
of thermostatting. To counteract any condensation on the 
optical windows, the cell compartment was continuously 
flushed with either nitrogen from a cylinder, or comp­
ressed air dried over silica gel. An indication of the 
efficiency of this system was that the temperature diff­
erential required between the thermostat bath and spectr­
ophotometer cell was only 0.4°C, and effective thermal 
equilibrium of the solution from room temperature to 1°C 
occurred within 20 minutes.
The actual temperature of solutions in the 
cell was monitored by ineans of a small thermistor probe 
connected to a Wheatstone bridge. The set-up was 
calibrated periodically against an H.P.l. standard 
thermometer. Measurements showed that thermostatting 
was accurate to 0*01°C over long periods. .
Kinetic runs were recorded on a chart, 
connected directly to the spectrophotometer output. The 
chart recorder time bases were checked against an accurate 
stopwatch.
2.3.2.2
A Rapid Mixing Device for Use in Fast 
Kinetic Runs.
Classical kinetic methods are generally said 
to he limited to reactions with half-lives of ten 
seconds or more, due to the required time for mixing of 
two reactant solutions.
It was possible to measure kinetic runs with 
half—lives as short as two seconds by means of a simple 
mixing device.
The diol in buffer solution was thermos tatted 
in the cell, and a small quantity of a concentrated 
periodate solution was added via the mixing device.
The mixer itself consisted of a teflon block 
machined to dimensions approximately 9 x 9 x 3  nm, 
through which two small holes had been nored. The block 
was attached by means of a nylon screw to a polypropylene 
rod. For very fast reactions, the mixer was mounted, 
within a frame set in a false lid to fit the spectro­
photometer cell compartment as shown in Figure 2(x).
A small amount of the periodate solution was 
transfered to the holes in the teflon block by means of 
a microsyringe, and mixing with the cell contents was
Figure 2(x)
Mixer
Rapid Mixing Device
False lid
Frame
Switch
Cell
achieved efficiently by a single gentle plunge of the 
mixer., the block fitting reasonably snugly into a 
square-topped cell*
2.3.2.3
pH Measurements.
A cell for pH measurements was designed to 
suit the requirements of this practical work, and is 
shorn in Higure 2(y).
The solution'was transfered to a polyprop­
ylene bottle, which fitted snugly into a glass Jacket. 
Thermostatting at 1°C was effected by water circulation 
through the jacket from a refrigerated water bath. The 
bottle was fitted with a screw cap, drilled to accomodate 
the pH"electrodes, an inlet and outlet for nitrogen" (to 
exclude carbon dioxide from the solutions), and a syringe 
for the addition of acid or alkali to adjust the pH of the 
solution. . A magnetic stirrer was employed for mixing*
The electrodes were maintained constantly 
at.l°C to ensure stability.
Figure 2 (y)
Cell fo r pH Measurements
thermometers
syringe
n 2
electrode],
s tirre r
w ater
flow
1
2.3*3 Experimental Procedures.
2.3.3*1
Solutions Employed in the Kinetic Work.
Concentrated stock splutions of the diol, a 
buffer, and an inert salt were prepared. Solutions for 
kinetic runs were made up by mixing appropriate propor­
tions of the stock solutions, and dilution to give the 
required diol and buffer concentrations and ionic strength.
The reactant solution thus prepared was 
transfered to the pH cell, where fine adjustment of the 
pH was carried out at the required temperature by add­
ition of small quantities of acid or alkali from conc­
entrated stock solutions.
The following buffer solutions were employed 
in this work.
pH 9.86 Amm on i a /.Amin on ium Chloride 0
_ p
. The ammonia concentration was about 10
— SM.dm  ^in the stock solution, and the ammonium chloride 
concentration was 10 M.dm . Dilution was compen­
sated by the addition of potassium chloride to an ionic 
strength of 10 M.dm * . Adjustment of pH was carried 
out by addition of C0o free potassium hydroxide.
pH 9.21 Ammonia/Ammonium Chloride.
The ammonia concentration in the stock buffer
* *7
was about 10 J  M.dm with ammonium chloride concentr- 
-2 -3ation 4 x 10 M.dm • Potassium chloride was used to
— 2 -3maintain an ionic strength of 4 x 10 M.dm , and pH 
adjustment was effected by addition of potassium hydroxide.
pH 8.06 Phosphate.
A mixture of potassium dihydrogen phosphate
A
(2 x 10 M.dm ) and dipotassium hydrogen phosphate
o ^_rz
(1.5 x 10- M.dm ) was employed as the stock buffer.
The ionic strength on dilution was corrected to 4.5 x 
—2 —310 M.dm by addition of potassium chloride. In general 
no adjustment of pH was necessary on dilution.
pH 7.03 Phosphate.
The concentration of potassium dihydrogen 
phosphate in the stock buffer was 1.5 x 10~2 M.dm~*^,and 
dipotassium hydrogen phosphate was 1.0 x 1.0 x 10~2 M.dm~^. 
As with the previous buffer , potassium chloride was used 
to maintain the ionic strength of 4.5 x 10”^ M.dm””^ . Ho 
adjustment of the pH ward necessary for diluted buffers,
pH 4.95 Acetic Acid/Sodium Acetate,
-1 -3A stock solution containing 1.0 x 10 M.dm
—3 —3of sodium acetate and approximately 7.8 x 10 M.dm 
acetic acid was employed. Sodium chloride was. used to
—1adjust the ionic strength of diluted buffers to 1.0 x .10 
M.dnf^. Ho correction of the pH was found to be necessary.
Concentrated stock solutions of so&iaim met a— 
periodate and potassium mesoperiodate dimer were made 
up. The latter reagent deteriorates after 24 hours in 
aqueous solution, and was prepared as required daily.
The stock solution contained 2.5 x 10 M.dm J  .with 
respect to total monomeric periodate.
2.5.3.2
The Selection of a Suitable Analytical Wave- 
. length For Kinetic Work.
The spectrum of a solution of periodate at
-4the required pH and of concentration approximately 10 
M.drf’^  was run iii the region 200 275 nm. A small
quantity of diol was then added directly to the periodate 
solution, and the spectrum was run immediately over the 
same range. Having allowed sufficient time for complete 
reaction, the spectrum was run for a third time. An 
example of these spectra is shown in Figure 2(z).
Figure 2(z)
1.00-1 Absorbance
Ultra V io le t Spectra
periodate Intermediate
0.50H
iodate0.25H
200 225 2 5 0 n m
A wavelength of 222*5 nm usually provided 
a suitable analysis of both the formation of the cyclic 
diester intermediate, and the overall reaction.
In the case of phenylethane-l,2-diol, which 
itself absorbs in the ultra-violet region of the spectrum, 
a wavelength of 250 nm was employed where absorbance due 
to the diol is a minimum.
2.3.3.3
Procedures for the Execution of Kinetic Runs.
%
2.5 cm of the diol in buffer solution was 
pipetted into the spectrophotometer cell, and allowed 
to attain thermal equilibrium in the cell block. A 
similar solution was used as a reference.
The required quantity, generally 10 micro­
litres of the concentrated periodate solution was 
injected into the rapid mixing device by means of a 
microsyringe, and the device was placed into a test-tube 
cooled in ice, minimising temperature change caused by 
mixing.
After thermostatting at 1°C, the chart 
recorder was started, and the reaction was initiated by 
gently plunging the rapid mixing device into the cell.
The scale expansion factor of the instrument 
was set at a suitable value for the concentration of 
periodate employed, and a chart speed was selected to : 
obtain a reaction curve of suitable dimensions.
Por runs following formation of the inter­
mediate of reaction, an increase in absorbance was 
observed, so that a solution of similar absorbance to 
the initial periodate absorbance was employed as a 
reference.
In most cases, formation of the intermediate 
yielded an infinity value of absorbance, which was stable 
for four or five half-lives of reaction, so that this 
step could be considered independently of the overall 
reaction. There were, however, selected instances in 
which consecutive kinetics were observed, and a special 
process of analysis of the run was then applied. The 
overall reaction curve was obtained at a low instrument 
sensitivity (o to 1 absorbance units for full scale), the 
absorbance change being relatively large. The run was 
then repeated, expanding the first part of the curve about 
five-fold, the absorbance increase due to formation of 
the intermediate being small relative to the overall 
decrease of absorbance for complete reaction.
2.3.3.4
The Evaluation of Kinetic Rims.
Por both runs following the formation of the
intermediate and the overall reaction, where an infinity
value was obtained for four or five half-lives of
reaction, the standard infinity method of evaluation was
employed. Values of the absorbance at regular time
intervals A, and the absorbance at infinite reaction A^_ u oo
were measured, and a plot of log(A, - A ) against time
"U 00
was drawn, the modulus of the slope of the plot giving 
the rate of reaction/2.303.
In cases where initial curvature of the plot 
was observed, and for the consecutive kinetics mentioned 
previously, both components of the reaction could be 
resolved by the following method.
Pigore’J.aa) shows consecutive kinetics of 
reaction of periodate with cis-cyclohexane—1,2—diol at 
pH 9*86. The scale of absorbance is considerably expanded, 
the final absorbance dropping to 0.06 absorbance units.
A plot of log (A. - A ) against time was drawn in the
U 00
usual way, the later stages of the reaction producing 
a linear plot corresponding to the overall rate of reaction 
jZfg.- Extrapolation of this line to the reaction origin
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permitted interpolation of values of A^ as shown in 
Figure 2(bb), a further plot of log(A^_ - A^) yielding 
a value for the first component of the reaction 0 - ^ .
Due to the possibility of these consecutive 
kinetics, which were not always obvious from a cursory 
look at the reaction curve, Guggenheim*s method 
of evaluation was avoided, since such a method assumes 
a simple first-order reaction, and any curvature of the 
first-order plot could thereby be masked*
2 * 3 * 3.5
Examples of Kinetic Run.3*
Figures 2(cc) to 2(ee) show examples of 
first-order plots typically obtained in the present 
kinetic work, including a consecutive reaction*
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